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Zusammenfassung
In der vorliegenden Arbeit wurde der Einfluss der Konzentration auf die Entropieän-
derung bei der elektrochemischen Abscheidung von Al und Li und die Interkalation von
Lithium in Graphit untersucht. Die Messung der Wärmeentstehung erfolgte mittels elek-
trochemischer Mikrokalorimetrie unter inerten Bedingungen in einer Glovebox. Die rever-
sibel ausgetauschte Wärme entspricht gerade der Entropieänderung des Systems bei der
Reaktion und beinhaltet die Beiträge aller ablaufenden Prozesse.
Die Al Bulkabscheidung wurde in Aluminiumchlorid und 1-Butyl-3-methylimidazolium-
chlorid (BMIMCl) mit unterschiedlichen Verhältnissen von AlCl3 zu BMIMCl (von 1,1:1
bis 1,7:1) durchgeführt. Die Reaktionsentropie für die Aluminiumabscheidung betrug
ca. 33 J/(mol K) für ein Verhältnis von AlCl3 zu BMIMCl von 1,7:1. Eine positive
Abscheidungsentropie bedeutet, dass die Arbeitselektrode sich während der Abscheidung
abkühlt. Die Reaktionsentropie für die Aluminiumabscheidung nahm mit dem Verhältnis
von AlCl3 zu BMIMCl ab.
Die Lithiumabscheidung wurde aus 0,01 M, 0,1 M und 1 M Lösung von LiPF6 in einer 1:1
Mischung aus Ethylencarbonat (EC) und Dimethylcarbonat (DMC) (EC : DMC = 1 : 1)
als Elektrolyt durchgeführt. Die Peltierwärme nahm um 5 kJ/mol bei einer Verdünnung
von 1:10 und um 10 kJ/mol bei einem Verdünnungsfaktor von 100 ab. Die gemessenen
Variationen des Peltier-Koeffizienten können gut durch die Änderung der Entropie des
solvatisierten Li+ Ions bei Verdünnung erklärt werden.
Die Reaktionsentropie für die Lithiuminterkalation in Graphit wurde in Abhängigkeit
vom Ladezustand der Graphitelektrode untersucht. Es wurde im Mittel ein linearer Zu-
sammenhang zwischen dem Interkalationspotential und der Interkalationsentropie zwis-
chen 0,3 V und 0,07 V gefunden. Der Proportionalitätsfaktor entsprach der Faraday-
Konstante. Die reversible Wärme und die Reaktionsentropie für die Phasenübergänge
der coexistierenden Stufenphasen in Graphit wurden bestimmt, was dem Beitrag der
Reaktionsenthalpie während Phasenübergängen entspricht. Die Änderung der Reaktion-
sentropie wurde durch das Gittergasmodell beschrieben und kann als Mischungsentropie
von Lithium in Graphit interpretiert werden.
Bei der Bildung von SEI-Schichten wurde eine Kälteentwicklung beobachtet, was auf die
reversible Reaktionen schließen ließ, da eine irreversible Reaktion nur einen Erwärmungs-
effekt der Elektrode bewirken würde.
Summary
The concentration effects on the reaction entropy of electrochemical Al and Li deposition
and the reaction entropy of phase transition during lithium intercalation and deinterca-
lation in graphite was studied. Using electrochemical microcalorimetry under inert con-
ditions, we employed pulse measurements to obtain the molar heat and reaction entropy
of these reactions.
The aluminium bulk deposition was conducted in aluminium chloride and 1-butyl-3-
methylimidazolium chloride (BMIMCl) ionic liquids with different ratios of AlCl3 to
BMIMCl (from 1.1:1 to 1.7:1). The reaction entropy for aluminum deposition was about
33 J/(mol K) when the ratio of AlCl3 to BMIMCl was 1.7:1. It demonstrated a cooling
effect for aluminium deposition and a warming effect for aluminium dissolution. As the
ratio of AlCl3 to BMIMCl decreased, the reaction entropy for the aluminium deposition
decreased.
The lithium deposition was conducted using 0.01 M, 0.1 M and 1 M LiPF6 in ethylene
carbonate (EC) and dimethyl carbonate (DMC) (EC : DMC = 1 : 1) as electrolyte. The
corresponding Peltier coefficient was found to decrease by 5 kJ/mol when the dilution
factor was 10 and by 10 kJ/mol when the dilution factor was about 100. The measured
variations of the Peltier coefficient can be well explained by the change of entropy of the
solvated Li+ ion upon dilution.
The reaction entropy for lithium intercalation in graphite was measured at various state
of charge. The reversible heat was found to change linearly on the average (between
0.3 V to 0.07 V). The slope for the curve of the reversible heat vs. open circuit voltage
was close to the Faraday constant. The reversible heat and the reaction entropy for the
phase transitions of the co-existing staged phases in graphite were determined, which
corresponded to the contribution of reaction enthalpy during phase transitions. The
change of reaction entropy was interpreted with a lattice-gas model and can be derived
from the partial molar entropy of mixture for lithium in graphite.
During the formation of SEI layers, a cooling effect on the graphite electrode was found,
which also indicated some reversible reactions were involved, since an irreversible reaction
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1. Introduction and motivation
The demand of green and clean energy promotes the development of renewable energies,
such as wind and solar energy. Yet, the discontinuous nature (at night or when the wind
stops) of the renewable energy and the increasing use of portable devices provide an urgent
need for the development of energy storage devices.
Batteries, which are widely used as energy storage devices, are composed of several cells
that are usually combined to provide required voltage and capacity, respectively[1]. In
each of the cells, there are a positive electrode, a negative one and a separator in between.
An electrolyte solution containing dissociated salts is filled between the two electrodes to
transfer the charge carriers[1]. Among the various developed battery systems, Li-based
batteries, due to the high energy density and flexibility of design, accounted for 63% of
worldwide sales values in portable batteries[2].
The reason for using a Li-based batteries technology is the fact that Li is the most
electropositive (−3.04 V versus standard hydrogen electrode) as well as the lightest metal
(equivalent weight: 46.94 g/mol, specific gravity: 40.53 g/cm3), thus making the high
energy density of the storage systems feasible.
Lithium-ion batteries, firstly produced by Sony as commercial rechargeable batteries[3],
are currently the most widely used and investigated energy storage devices. The charac-
teristic parameters for lithium-ion batteries are power/energy density (gravimetric and
volumetric), cyclability, rate capability and safety[4]. There are many studies to improve
these properties. Some studies focus on the improvement of the electrode materials and
the understanding of their structure[5]. Other studies include the choosing of suitable
electrolyte and the improving of batteries performance by adding binders and conductive
additives[6, 7].
Due to safety considerations, pure lithium is usually replaced by carbonaceous materials
as anode for lithium-ion batteries[8], with a general formula of LixC6. Graphite is an im-
portant anode material for lithium-ion batteries because of the advantages of low voltage
range, low cost and high reversible capacity (theoretical capacity: 372 mA h/g)[9]. In
lithium-ion batteries, ethylene carbonate (EC) and dimethyl carbonate (DMC) are used
as solvent for the electrolyte (LiPF6). Nevertheless, there could be side reactions of the
graphite with the solvent of the electrolyte. In order to maximize the state of charge
(x in LixC6), the irreversible capacity loss due to the reaction between the graphite and
the solvent should be minimized (i.e. the formation of the solid electrolyte interface
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layer). Various factors, such as the properties of the electrode, temperature, current den-
sity, solvent and impurities, contribute to this irreversible process. To control irreversible
processes, the understanding of electrode reaction is a prerequisite.
Beside the lithium-ion batteries, aluminium batteries are also a promising alternative
due to its numerous advantages, e.g. low-cost, low-flammability, light weight and three-
electron redox system reaction. Even though the gravimetric capacity of aluminum is very
comparable to that of lithium (2.98 A h/g for Al vs. 3.86 A h/g for Li), the volumetric
capacity of Al (8.04 A h/cm3), is by a factor of three larger than that of Li[10]. However, Al
is inapplicable as electrode in common electrolytes, because a repeatable deposition is hard
to accomplish. Thus, ionic liquids were proposed as electrolyte for aluminium batteries
based on the fact that the aluminium could be repetitively deposited and exfoliated in ionic
liquids. Yet, most of the reports focus on the study of the structure and composition of
the ionic liquids, using infrared spectroscopy[11, 12], Raman spectroscopy[13] and neutron
diffraction[14].
In spite of the progress achieved for the development of lithium-ion and aluminium
batteries, there are still open questions, such as safety problems and the insufficient ca-
pacity. To face these challenges and improve the battery performance, it is a prerequisite
to understand the mechanism of the battery processes, such as the structure change of
the electrode materials and the electrolyte or the mechanism of the electrode reaction.
Since the entropy includes all side processes, such as coadsorption and ordering of the
solvent (charge-neutral processes), it can provide complementary information to the cur-
rent–potential relation, which will shed light on the mechanism of the electrochemical
reaction. By combining electrochemical measurement and simulation, we can understand
more about the battery system, which should be beneficial for the improvement of bat-
tery performance. Several groups have reported the measurement of heat flow during the
electrode reaction with microcalorimetry. The thermal effects of charging and dischar-
ging of Ni-MH batteries (Nickel–metal hydride batteries) have been studied by Zhang et
al [15], which showed a different heat dissipation between charging and discharging pro-
cesses. Using isothermal microcalorimetry and operando X-ray absorption spectroscopy,
Huie[16] demonstrated that the heat flow from the initial lithiation of Fe3O4 could be
successfully modeled using only polarization and entropic contributions. A method of
quantifying the parasitic heat flow during open circuit and voltage hold conditions was
implemented using isothermal microcalorimetry on Li-ion pouch cells to investigate the
effect of additives[17]. Hall[18] showed that isothermal microcalorimetry can be used
in conjunction with electrochemical measurements to study solid–electrolyte interphase
(SEI) formation reactions as they occur in a Li-ion cell. With isothermal microcalorime-
try, by varying the current over narrow voltage ranges, the relative contributions of each of
the heat flow sources (polarization, entropy and parasitic reactions) as a function of state
of charge are determined for the LiCoO2/graphite system[19]. Other thermodynamic stu-
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dies using graphite as electrode in lithium-ion batteries focused on reproducing potential
change with time and the temperature dependence of the open circuit voltage[20–22].
However, since the measurements should be conducted close to equilibrium and a high
sensitivity is required, it is still challenging to determine the thermodynamic information
(entropy, enthalpy and free enthalpy) of several processes, such as the phase transition,
the change of ion pair and solvation shell during dilution. For example, excellent line-
arity in plots of molar heat vs. open circuit voltage of Li-graphite was demonstrated
by Schmid[23]. But no information of phase transitions were exhibited because of the
small contribution of enthalpy. Here, an electrochemical microcalorimeter (EMC), deve-
loped by our group, allowed us to in-situ measure the molar heat of electrode reactions
with short pulses (10 ms long, corresponding to conversions in the submonolayer range)
during electrochemical measurements. As an example, we applied this EMC method to
determine the phase change during charging and discharging of Li-graphite batteries and
the concentration effects on reaction entropy during lithium deposition and aluminium
deposition.
Experiments on concentration effects on aluminium bulk deposition in ionic liquids were
conducted to study the solvation of aluminium ions and the reaction mechanism. Lithium
deposition in 1 M, 0.1 M, 0.01 M LiPF6 in ethylene carbonate (EC) and dimethyl car-
bonate (DMC) (EC : DMC = 1 : 1) electrolyte was investigated to obtain the entropy
of the solvated Li+ ion upon dilution and to understand the influence of dilution on the
formation of ion pairs. The reaction entropy for lithium intercalation in graphite electrode
was measured at various states of charge. The change of reaction entropy during phase




In the year 1821, Seebeck discovered the connection between temperature and electricity,
the so-called thermoelectric effect[24]. In a closed circuit of two different metals, when
there was a temperature difference, an electrical voltage was measured. An electromotive
force of an order of millivolts was detected for a temperature difference of 100 K. The
inverse character of this effect for the thermocouple (Lord Kelvin 1851) was confirmed
through the discovery of Peltier-effect (in 1834), when the heat flow was Q̇ = iΠAB for a
current of i through the conductive pair AB, where ΠAB is the Peltier coefficient[25].
Electrochemical reactions are accompanied by heat changes (endothermic or exother-
mic). Gibbs and Helmholtz investigated independently the electrical work and the en-
tropy change during reaction in a full cell[26, 27]. The first theoretical explanation of
electrochemical Peltier coefficient of a half cell implementing the ideas of Eastman on the
transport of entropy due to ion migration was proposed by Wagner[28, 29], Monheim and
Lange[30, 31]. Later, the theory was extended and summarized by several authors, such
as References[32–34].
In terms of experimental research, Raoult and Thomsen[35, 36] determined the diffe-
rence between the enthalpy and the electric work due to the entropy change of the reaction
using calorimetry. Bouty[37] investigated the heat effect of a half cell for Cu deposition.
Lange and Sherfey then determined the Peltier coefficient for several electrochemical
reactions[38–40]. Based on the theoretical and experimental developments concerning
the measurement of the Peltier coefficient (molar heat), microcalorimetry was used to
determine the Peltier coefficient of electrochemical reactions, such as silver deposition[41]
and lithium bulk deposition[42].
In this work, the sign convention for thermodynamic parameters, such as heat, work
and entropy, will be considered from the perspective of the system. The sign will be
denoted as positive when there is an increase of a thermodynamic parameter in the system,
and vice versa. Section 2.1 is based on the textbook of Physical Chemistry[43]. The
thermodynamic basis knowledge of Peltier coefficient in subsection 2.1.2 is based on the
work of Agar[44] and the book by Bard[45] on the basis of electrochemical method and
the chapter on Surface Microcalorimetry from the book on Surface and Interface Science
(Volume 5 and 6) by Gottfried and Schuster[46].
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2.1. Reversible heat
In a full cell, the enthalpy H is defined as:
H = U + p · V (2.1)
The differential of H follows that:
dH = dU + p · dV + V · dp (2.2)
According to classic thermodynamic, the infinitesimal change of inner energy dU , ab-
sorbed heat δQ and work δW for a certain process correlates in the following equation:
dU = δQ+ δW (2.3)
In an electrochemical reaction, the work may include two parts: the volume work WV ol
and the electric work WEl:
δW = δWV ol + δWEl (2.4)
According to the definition of work, the volume work can be obtained:
δWV ol = −p · dV (2.5)
where p symbolizes the pressure and V the volume.
If we consider the former equations together, the differential of enthalpy correlates with
the absorbed heat and the electric work in the following relation:
δQ = dH − δWEl (2.6)
In a reversible reaction, the change of electric work equals to the differential of free
enthalpy, as shown in the following expression:
δWEl = −z · F · dE0 = dG (2.7)
where z is the number of electrons that are transferred during the reaction and F is the
Faraday constant. Considering the relation of free enthalpy with entropy and enthalpy
dG = dH − T · dS, we can conclude that the absorbed heat during a reversible reaction
relates to the entropy in the following expression:
δQ = T · dS (2.8)
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where T is denoted as temperature and dS the change of entropy during a reaction.
Therefore, we can calculate the entropy for a reversible reaction as long as we obtain the
exchanged heat.
For a half cell, we are interested in the reaction on the working electrode. For aluminium
deposition and lithium deposition/intercalation, the reaction on the working electrode can
be denoted in the following form:
Mn+ + n e− −→M (2.9)
The exchanged heat δQ at an electrified junction of the working electrode and the
electrolyte in this case correlates with the Peltier coefficient Π, which is named after
French physicist Jean Peltier, in the following expression:
δQ = Πdξ (2.10)
where ξ is the progress of reaction.
2.1.1. Potential dependence of reaction entropy
The zero-current cell potential E0 at a certain anode composition is related to the free
enthalpy for the cell reaction, according to the Equation (2.7). When the pressure of the












If the contribution of the enthalpy change can be neglected, the potential dependence





where the ∆E0 is the change of open cell potential and ∆∆RS is the change of reaction
entropy.
2.1.2. Heat of transport and transport entropy
The change in entropy is caused by the transport of electrons and ions as well as by the
transfer of heat δQ from the surrounding to the interface volume. The heat transferred to
the system during a reversible progress of the reaction is called Peltier coefficient, as shown
in Equation (2.10). In an electrochemical cell, the electrode reaction is accompanied by
the transport of charge carriers i. In a seminar paper, Eastman[49] demonstrated that
6
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Figure 2.1. – Interface of a single electrode of metal M in an electrolyte of its salt (M+,
A-). P and H denote the borders of the interface volume[48].
the transport of charge carriers correlates with the transport of heat, the so-called heat of
transport Q̂i. The corresponding entropy change ŝi = Q̂i/T is called Eastman’s entropy
of transfer, which should be added to the entropy change due to the molar entropy of
conversion of the ion or electron si. When one mole of charge carrier i is transported and
has reacted, the corresponding entropy change is S̄i = ŝi + si. S̄i is called transported
entropy.
A summary of models for a physical reasoning for the transport of heat by charge carrier
i can be found in reference[46]. The heat of transport can be traced back to local thermal
effects, which affect the structure and hydrogen-bond network of the surrounding solvent,
such as water, beyond the first solvation shell of the ions. Ions can influence the entropy
of the surrounding solvent and therefore cause structure-breaking or structure-making.
When an ion is transported, the structural effects on the solvent are released behind and
7
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built up ahead. The corresponding heat is absorbed ahead and liberated behind, which
leads to transport of heat accompanying the transport of ions.
In a half cell with constant pressure and temperature, the heat of transport can be calcu-
lated according to the following considerations. Figure 2.1 shows a schematic structure of
a half cell, where a wire of metal M is attached to an electrode of the same material. The
electrolyte solution is composed of metal ions M+ and A− ions. The reduction reaction
(2.9) happens on the surface of the metal electrode.
The boundaries of the electrode-electrolyte interface are denoted as plane P and H. On
the metal side, a plane P is at a fixed position of the wire, through which the electrons
are provided to the electrode. On the solution side of the electrode, a plane H is chosen
(Hittorf reference plane), which is sufficiently far from the electrode to symbolize the bulk
properties of the electrolyte. To keep the net amount of solvent constant between the
boundaries, the plane may move slightly under current flow. The current is assumed to
be infinitesimally small to make the reaction (2.9) reversible.
After a progress of the reduction reaction by ξ, the thermodynamic state of the electrode-
electrolyte interface changes accordingly: dξ moles of M+ are reduced to M. Accordingly,
through the Hittorf plane, t+dξ moles of M+ are transported into the interface and t−dξ
moles of A− immigrate into the bulk of the electrolyte. t+ and t− are the Hittorf trans-
ference numbers, which state how the current in the electrolyte is distributed between
the ions, indicating different transferring ability of different ions. Since the net number
of electrons in the metal side does not change, the entropy of the electrode-electrolyte
interface volume can be expressed[44] by:
dS = (sM − sM+ + t+ · sM+ − t− · sA− − se−)dξ (2.13)
where sM , sM+ and sA− denote the molar entropy of the metal and ions.
Following the former discussion on the transported entropy, the entropy change due to
the transport of ions and electrons across the boundaries and due to transfer of heat can
be expressed by[44]:
(t+ · S̄M+ − t− · S̄A− + S̄e−)dξ
=(t+(sM+ + ŜM+)− t−(sA− + ŜA−) + (se− + Ŝe−))dξ
(2.14)
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Since entropy is a state function, the entropy change in Equation (2.14) should be equal
to the one derived from the change of state of the system in Equation (2.14). By combining









(Q̂M+ − Q̂A− + Q̂e−)
(2.15)
∆RS = sM − sM+ − se− corresponds to the molar entropy change of the half cell reaction.
The Peltier coefficient is hence determined by considering both the molar entropy change
of the electrochemical half cell reaction and the entropy change due to Eastman’s entropy
of transfer or the heat of transport of the charge carriers.
The heat of transport of different ions is listed in references[44, 50]. For non-aqueous
solution, there is no literature value. However, it’s possible to treat the ions as dielectric














where e is the elementary charge, z the number of charge, h the minimal distance between
ion and solvent, rs the Stokes radius of the ions und ε the relative permittivity. The
constant cSI is about 4.3 · 1031 V m/(mol C).
2.2. Irreversible heat
To measure the entropy of the electrochemical reaction, we should minimize the irre-
versible part. In the electrochemical reaction, the irreversible heat mainly comprises two
parts: the Joule heat δQJoule and the polarization heat due to the overpotential δQPol.
When a current I flows in the electrolyte with a resistance R for a time dt, the Joule heat
is:
δQJoule = R · I2 · dt (2.17)
In order to conduct the reaction, an overpotential η needs to be applied, which will
cause the polarization of the interface, leading to a deviation from the equilibrium.
δQPol = z · F · |η| · dξ (2.18)
Here, ξ is the reaction variable (progress of reaction).
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Considering the reversible contribution δQrev and the irreversible part δQirrev, the ex-
changed heat δQ of a reaction can be written in the following form[52]:
δQ = T · dS︸ ︷︷ ︸
δQrev
−I2 ·R · dt− z · F · |η| · dξ︸ ︷︷ ︸
δQirrev
(2.19)
The Joule heat δQJoule and the polarization heat cause the generating of heat in the
system that is transferred to the surrounding. However, the use of very small currents
reduce the Joule heat to negligibly small amount. The method of minimizing the influence
of polarization will be discussed in the following chapters.
10
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electrochemical microcalorimetry
3.1. Electrochemical microcalorimetry
A microcalorimeter developed by our group[41, 53] makes it possible to obtain the mo-
lar heat (Peltier coefficient) at an electrode interface during an electrochemical reaction,
with only monolayer or submonolayer conversion. In this work, the molar heat of the
electrochemical reaction in aluminium and lithium half cells was measured via electro-
chemical microcalorimetry. According to chapter 2, the molar heat and the entropy of
an electrochemical reaction can be determined. Since the entropy includes all side pro-
cesses, such as coadsorption and ordering of the solvent, it can provide complementary
information to the current–potential relation, which will shed light on the mechanism of
the electrochemical reaction.
Electrochemical calorimeters have been used to determine the entropy for the depo-
sition of metal by measuring the temperature change using a thermistor[33, 50]. By
compensating the exchanged heat to keep the temperature unchanged, isothermal micro-
calorimetry was used to investigate some materials, e.g. the LiNiCoO2 electrode[54]. For
the application of electrochemical calorimetry in energy storage researches, Saito et al.
studied commercial Li-ion batteries[55]. Kobayashi et al. investigated different combina-
tions of graphite, lithium and LiCoO2 as electrodes for a cell[56]. Maeda et al. studied
the intercalation of lithium into graphite[57] and McKinnon et al. the intercalation of
LixMo6Se8[58].
One difficulty for the study of surface and interface reactions is the small amount of
reaction, which usually corresponds to the conversion of a few percent of a monolayer[23].
With the high sensitivity, the electrochemical microcalorimeter developed by our group
provides access to the reaction entropy of an electrochemically stimulated surface process[59].
Using the electrochemical microcalorimeter, for example the under potential deposition
(UPD) of Cu and Ag on gold surface was investigated[41, 53].
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Figure 3.1. – Schematic figure of the electrochemical microcalorimeter.
3.2. Experimental setup
Figure 3.1 is a schematic figure to show the electrochemical microcalorimeter, which
we used in our experiments. The setup was developed by our group[60]. It includes the
following systems:
1) the vacuum: Two spaces needed to be evacuated. The first one was used to maintain
the close contact between the sensor and working electrode so that most of the heat
produced during the reaction on the working electrode could be transferred to the
sensor. This was realized by a rotary vane pump (Leybold-Heraeus, Trivac D8B).
The pressure could reach 0.1 mbar after evacuation for half an hour. This pump was
kept running during the measurement. The second task was to evacuate the air when
the flange of the apparatus was joined up to the glove box. Another rotary vane
pump (Leybold-Heraeus, Trivac D8B) was applied for this purpose. Normally, it was
evacuated for 10 h. Then the container was filled with pure Ar before connecting to
the atmosphere of the glove box.
2) the sensor: The pyroelectric sensor was made of LiTaO3 or PVDF. It could produce
an electric signal due to temperature changes on the surface of the sensor. Even a
small change of temperature, such as micro-Kelvin, could be detected. The sensor was
coated with Au (200 nm for LiTaO3 and 100 nm for PVDF) on both sides. Then it
was connected to the charge amplifier on the one side and the grounding cable on the
12
3. Experimental basis
other side using copper cable by soldering with field’s metal (a kind of low melting
temperature alloy). The soldered sensor was put on the polymer supporter with a
O-ring (inner diameter: 5 mm; cord thickness: 1 mm) in between for buffering. A
piece of sapphire sheet (8 mm x 8 mm x 50 µm) was put on the sensor to adjust the
height. The sapphire had a larger thermal conductivity and specific heat than the
sensor, thus there will be no obstacles for heat transfer between the working electrode
and the sensor.
3) signal processing and recording: The electrodes were connected to a computer-controlled
potentiostat, which allowed applying of current or potential pulses. The signal from
the sensor due to the temperature change was amplified by a charge amplifier. The
magnified signal was recorded through a National Instrument Card controlled by a
procedure developed by our group in Igor Pro (Wavemetrics).
We optimized the potentiostat and improved the procedure. Thousands of pulses
(including potential, current and temperature transients) could be recorded in one
measurement. A complete transient was 1 s long. When compressing, the proce-
dure only fully recorded the first 100 ms of the transient and at the same times the
whole transient was recorded with much lower sampling frequency. The average of the
transient was obtained after reconstruction.
4) electrochemical cell: This part included the working electrode, current collector and
cell. When assembling the cell, the working electrode was put on the sapphire sheet,
with a copper circular ring (inner diameter: 6 mm) and a Viton O-Ring on it. In the
next step, the current collector was put on the copper ring. The copper ring played
the role of conductor between the sapphire sheet and the current collector. The cell
was assembled on the current collector with an O-ring in between for sealing.
5) the container: The sensor and the assembled cell were mounted in the container. The
container was used to protect the cell and connect it to the glove box.
3.2.1. PVDF sensor
Polyvinylidene difluoride (PVDF) foil, which is a pyroelectric material and was coated
with a gold layer on both sides, was used as the temperature sensor in the microcalori-
meter. With this microcalorimeter, it’s feasible to measure the exchange of heat during
reactions with submonolayer conversions, which are close to the thermal equilibrium.
The PVDF is a kind of pyroelectric material, in which the change of temperature could
change the state of electric polarization (electric dipole per unit volume). According to
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reference[61, 62], the pyroelectric efficiency (p) correlates with the temperature (T) and








where σ is stress and E is the electric field. The electric displacement could be denoted
in the following equation:
D = ε0E(Ps + Pinduced) (3.2)
where ε0 is the permittivity in vacuum, E is the electric field (here it equals to zero), Ps
and Pinduced are spontaneous polarization and induced polarization, respectively.
When we examine Equation (3.1) and Equation (3.2), we find that the change of tem-
perature results in the change of polarization, which will change the dipole moment. To
compensate the change of the dipole moment, charges on the surface of the PVDF sensor
will redistribute, which will cause the flow of charges if it is short circuited[61]. Thus, the
change of temperature of the PVDF sensor could be detected by amplifying the current.
The coating layers on the surface of the PVDF act as current collector. According to
Equation (3.1), the PVDF sensor is sensitive to mechanical stress. Since the thermal con-
tact between the sensor and the working electrode was not constant after each assembling
of the cell, a calibration had to be conducted in each experiment.
3.2.2. Lithium tantalate pyroelectric sensor
Lithium tantalate (LiTaO3), which is a kind of pyroelectric material, responds to the
temperature change by current flow due to electric polarization (electric dipole per unit
volume). Therefore, in this work, a thin LiTaO3 crystal, with a gold layer on both sides,
was used as temperature sensor in the microcalorimeter. With this pyroelectric detector,
it’s feasible to measure the change of temperature during the reaction with submono-
layer conversions, i.e. the system remains close to thermal equilibrium. According to
References[63, 64], the relation between pyroelectric current Ipyro and the pyroelectric
coefficient (p) (the polarization change dP with the rate of the temperature change T)










where As is the area and d∆Ts/dt the rate of temperature change. Thus, a tiny change
of temperature on the surface of the LiTaO3 sensor can be detected when the current
was amplified by the charge amplifier. In this work, with the help of an improved charge
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amplifier and potentiostat, the sensitivity of the LiTaO3 sensor was greater than that of
the PVDF sensor.
3.3. Experimental procedures
The experiments, which were sensitive to O2 and H2O, were conducted inside a glove box
(O2 < 4 ppm; H2O < 0.5 ppm). With the high sensitivity of the sensor, we were able to
measure tiny amount of heat of about 10−5 K. In order to acquire the molar heat (Peltier
coefficient) and entropy, it is necessary to ensure the short reaction and tiny conversion
so that the reversible reaction is conducted close to equilibrium[43]. Furthermore, it’s
also important to minimize heat loss due to transfer heat to the electrolyte in order to
study the reaction that happens on the surface of working electrode. Since the thermal
conductivity of the WE (W, Ni, graphite) and the sapphire sheet is more than 100 times
larger than that of the electrolyte, the heat transfer to the electrolyte can be neglected[23].
Figure 3.2. – Typical potential pulse including transients of potential (top, blue), current
(middle, black) and temperature (bottom,red) applied with positive over-
potential using Ni as working electrode, platinum as RE and CE electrode
and 0.1 M K3[Fe(CN)6] / K4[Fe(CN)6] as electrolyte.
As an example we show a typical heat measurement for the calibration reaction. Accor-
ding to Equation (2.19) in chapter 2, potential pulses with increasing overpotentials were
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Figure 3.3. – Enlarged version of a typical potential pulse including transients of poten-
tial (top, blue), current (middle, black) and temperature (bottom,red) with
positive overpotential using Ni as working electrode, platinum as RE and
CE electrode and 0.1 M K3[Fe(CN)6] / K4[Fe(CN)6] as electrolyte.
applied to obtain the molar heat of the calibration reaction. A typical pulse, including po-
tential, current and temperature transients for the calibration reaction is shown in Figure
3.2. The corresponding curve up to 100 ms can be seen in Figure 3.3. Potential pulses
with an amplitude of 80 mV were applied between the time t = 10 ms and t = 20 ms,
which induced a current of 1.6 mA and a pulse heat of -1.7 in arbitrary unit (a.u.). Then
the cell was switched to open cell potential by electronic interruption. With this cutoff,
the potential returned to the equilibrium potential. The temperature changed simultane-
ously as shown in Figure 3.2 and Figure 3.3. At the end of the pulse (t = 20 ms), with
only a small delayed heat evolution (1 or 2 ms), the temperature transient started to relax
to the thermal equilibrium. When the time came close to one second, the temperature
transient returned to about the starting temperature, as shown the temperature transient
in Figure 3.2. We waited at least 10 seconds before applying the next pulse. The charge,
which flowed during the potential pulse, could be obtained by integrating the current
transient. From the amplitude of the temperature and charge, reached at the end of the
potential pulse, we can determine the amount of evolved heat. Dividing the pulse heat
by the integrated charge, we got the normalized heat. However, the heat value of the
reaction from the temperature transient is in arbitrary unit. In order to obtain the molar
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heat of the electrochemical reaction, it is required to compare the molar heat with other
reactions for which the Peltier coefficient is well known (i.e. the calibration reaction).
Figure 3.4. – The delayed heat evolution is shown by comparing a 10 ms laser pulse and
the temperature transient of Al dissolution (left). To calculated the delayed
heat evolution, 40 laser pulses (2 ms long) were used for fitting (right).
In addition, there usually is delayed heat evolution after the stop of the current flow
at t = 20 ms, as shown in Figure 3.4. The left part in Figure 3.4 shows the comparison
between the temperature transient during Al dissolution and a 10 ms laser pulse. It
demonstrates that the temperature change due to the laser pulse relaxed faster than that
due to Al dissolution. To determine the exchanged heat, we used 2 ms long pulses to
fit the temperature transient. As shown in the right part of Figure 3.4, the heat flow
retrieved from the temperature transient by fitting was not zero from the sixth to the
sixteenth point, which confirms the presence of delayed heat evolution between 20 ms and
about 50 ms. This heat should be included when we calculate the normalized heat. The
fitting procedure is described in detail in Reference [60].
Therefore, there are three necessary steps in an experiment: calibration, measurement
of the electrochemical reaction under study and fitting of the temperature transients with
the thermal response of laser pulses to retrieve the heat flow. The fitting is usually
performed at the end of the experiment. But the sequence of calibration depends on the
electrochemical reaction.
3.3.1. Calibration
As mentioned, the charge transferred through the sensor is proportional to the exchanged
heat due to reaction. The corresponding proportional constant has to be determined by
an experiment, the calibration reaction. A calibration reaction is usually a well studied
reaction for which the molar heat is well known. The calibration reaction depends on the
system which we investigate.




1) Calibration reaction with aqueous solution as electrolyte
2) Calibration reaction with nonaqueous solution as electrolyte
Calibration with aqueous solution
For the experiment of lithium deposition and aluminium deposition, the electron trans-
fer reaction in 0.1 M K3[Fe(CN)6] / K4[Fe(CN)6] aqueous solution was performed un-
der ambient conditions as calibration reaction. The reaction of the K3[Fe(CN)6] /
K4[Fe(CN)6] redox pair is well studied and the Peltier coefficient of this reaction is known
in literature[32]. For both the lithium deposition and aluminium deposition, the calibra-
tion needed to be conducted in the beginning, because the surface of the working electrode
would be irreversibly changed after the formation of the SEI layer or the decomposition
of ionic liquids during the metal deposition reaction.
For calibration with aqueous solution, platinum was used as reference (RE) and counter
electrode (CE), because platinum doesn’t react with the electrolyte and provides a stable
reference potential. A metal foil, such as gold, tungsten or nickel can be used as working
electrode (WE), since the electron transfer reaction in K3[Fe(CN)6] / K4[Fe(CN)6] aqueous
solution can be conducted on these metal surface. The active electrode area of the nickel
or tungsten sheet, which served as working electrode, was about 0.2 cm2. The cell was
made from polychlorotrifluoroethylene (PCTFE, also known as KEL-F R©). The working
electrode (W or Ni) was cleaned with sand paper to remove the oxide layer on the surface
and then rinsed with ultra pure water and acetone[65] for three times, respectively.
The cyclic voltammogram (CV) for the electron transfer reaction in 0.1 M K3[Fe(CN)6]
/ K4[Fe(CN)6] aqueous solution was scanned between −0.4 V and 0.4 V. On Ni working
electrode, the CV curve started from ca. 0 V, which was the open cell potential (ca.
−0.8 mV vs Pt reference electrode), and was scanned towards the positive direction, as
shown in Figure 3.5. The oxidation peak appeared at 0.25 V and the reduction peak
at −0.25 V. The reduction peak broadened slightly probably because of the oxide layer
on the surface of the working electrode (Ni). After the Ni WE was polished, a narrow
reduction peak could be obtained and the CV demonstrated good reproducibility between
the second and the third cycles, as shown in Figure 3.6.
When Au was used as working electrode, no oxide layer was expected on the surface of the
WE. In comparison with the CV for calibration on Ni, the reduction and oxidation peak
of K3[Fe(CN)6] / K4[Fe(CN)6] electron transfer reaction appeared at a similar potential,
respectively. However, the maximal current density for the reduction peak was about
−20 mA/cm2, which was stronger than that for calibration on Ni (−12 mA/cm2). As
shown in Figure 3.7, the CV for the reaction of K3[Fe(CN)6] / K4[Fe(CN)6] redox pair
demonstrated a narrow reduction peak (at −0.2 mV). From the CV, we found better
reproducibility for the calibration reaction on Au compared with that on Ni (WE).
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Figure 3.5. – The cyclic voltammogram for calibration using platinum as RE and CE elec-
trode and 0.1 MK3[Fe(CN)6] / K4[Fe(CN)6] as electrolyte on insufficiently
polished Ni working electrode. The CV was recorded, starting from 0 V,
which was repetitively scanned between -0.4 V and 0.4 V. The scan speed
was 50 mV/s.
Figure 3.6. – The cyclic voltammogram for calibration on sufficiently polished Ni working
electrode with platinum as RE and CE electrode and 0.1 M K3[Fe(CN)6] /
K4[Fe(CN)6] as electrolyte. The CV was recorded, starting from 0 V, which




Figure 3.7. – The cyclic voltammogram for the calibration on a Au working electrode with
platinum as RE and CE electrode and 0.1 M K3[Fe(CN)6] / K4[Fe(CN)6] as
electrolyte. The CV was recorded, starting from 0 V, which was repetitively
scanned between -0.4 V and 0.4 V.
Figure 3.8. – The normalized heat for the calibration reaction on an insufficiently polished
Ni working electrode with platinum as RE and CE electrode and 0.1 M
K3[Fe(CN)6] / K4[Fe(CN)6] as electrolyte.
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Figure 3.9. – The normalized heat for the calibration on sufficiently polished Ni working
electrode with platinum as RE and CE electrode and 0.1 M K3[Fe(CN)6] /
K4[Fe(CN)6] as electrolyte.
The influence of an oxide layer on the WE on the results for the normalized heat was
examined. As shown in Figure 3.8, the normalized heat was plotted versus the overpo-
tential. Since the oxide layer on the surface of the working electrode was not completely
removed, there was a bias for the range of negative overpotential, which agreed with the
broadened reduction peak of the CV curve in Figure 3.5. Due to the oxide layer on WE
surface, the error for calibration was about 2%. When the Ni WE was sufficiently polis-
hed, the corresponding normalized heat changed almost linearly and symmetrically with
the overpotential, as shown in Figure 3.9. The difference of the Peltier coefficient for
calibration, e.g. Figure 3.8 and Figure 3.9, was significant for different experiments due
to the variance of the thermal contact between the sensor and the WE. This indicated
that the calibration should be conducted in each experiment. The literature value of the
Peltier coefficient (−45.1 kJ/mol) for the reaction of K3[Fe(CN)6] / K4[Fe(CN)6] redox
pair was compared with the y-intercept (y-axis corresponds to the normalized heat) in
Figure 3.9 to obtain the calibration factor.
After the calibration, the lid with the CE and RE was disassembled and the other
configuration of the cell was kept unchanged. After the electrolyte was removed, the cell
was washed with ultra pure water and acetone for three times, respectively. The setup
was then connected to the glove box and evacuated for 10 hours. Before the deposition
of aluminium or the deposition of lithium, the cell was washed with the corresponding
electrolyte for three times.
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Calibration with nonaqueous solution
When graphite was used as WE, the calibration with aqueous solution is not possible,
because the electron transfer reaction in K3[Fe(CN)6] / K4[Fe(CN)6] aqueous solution
can’t be conducted on the graphite surface. Fortunately, the Peltier coefficient of li-
thium deposition (in 1 M LiPF6 electrolyte with lithium as RE and CE) was studied by
Schmid[42] and was confirmed in chapter 5 of this work. Therefore, we conducted the
calibration using the reaction of lithium deposition. The calibration was conducted after
the measurement of charging and discharging of the graphite electrode to avoid damage of
the WE. Otherwise, the study of the Peltier coefficient for the charging and discharging
would be disturbed by the calibration, which irreversibly changed the structure of the
working electrode.
We conducted the calibration by acquiring the Peltier coefficient for lithium deposition.
It is also technically practical from the perspective of heat transfer for the calibration by
lithium deposition, because the heat conductivity and specific heat capacity of graphite
(heat conductivity: 25 ∼ 470 Wm−1K−1, specific heat capacity: 709 J/(K kg)) are much
larger than that of the LiPF6 in EC/DMC. Between the graphite and the lithium tan-
talate, there are a copper foil (25 µm, 401 W/(m K), 385 J/(K kg)) and sapphire (50 µm,
401 W/(m K), 385 J/(K kg)), as discussed late in section 6.1. According to the specific
heat capacity and the heat conductivity of the sapphire sheet and the copper foil, there is
no obstacle for the heat transfer from the graphite to the lithium tantalate sensor, when
the working electrode (graphite, coated on copper foil), the sapphire and the lithium
tantalate were tightly contacted, since the air was removed in the inner sensor compart-
ment with the help of a rotary vane pump (Leybold-Heraeus, Trivac D8B). The pressure
reached 0.1 mbar after half an hour.
The calibration was conducted in the glove box including the following procedures.
Before the calibration, the graphite was charged to below zero volt where the lithium
plating occurred. Then lithium was deposited on the graphite for 3 min under a current
of 500 µA (about 2800 monolayers; the area of the active working electrode: 0.2 cm2).
After the deposition of lithium, the surface of the working electrode was fully covered with
metallic lithium. When the open cell potential was stable around 0 V, potential pulses
with different overpotentials were applied to conduct lithium deposition and dissolution.
Since the lithium deposition/dissolution was conducted on the surface of lithium, the
Peltier coefficient for lithium deposition using graphite as WE is the same as that using
Ni as WE.
Using positive overpotential (left) and negative overpotential (right) alternatively, we
obtained pulses for calibration with lithium bulk deposition on graphite WE. As shown
in Figure 3.10, typical potential pulses including the potential (top, blue), the current
(middle, black) and the temperature (bottom, red) transients for lithium deposition in
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Figure 3.10. – Typical transients of potential (top, blue), current (middle, black) and tem-
perature (bottom,red) for calibration pulses applied with positive overpo-
tential (left) and negative overpotential (right) using graphite as working
electrode, Li as reference and counter electrode and 1 M LiPF6 solution
(in EC and DMC) as electrolyte.
a Li-graphite half cell with graphite as working electrode, Li as reference and counter
electrode and 1 M LiPF6 solution (in EC and DMC) as electrolyte after complete charging
and lithium plating are given in this figure.
For Figure 3.10, before applying a pulse, the cell was kept under OCP (open cell poten-
tial) condition for 10 ms. Then, potential pulses were applied with an overpotential of ca.
60 mV between t = 10 ms and t = 20 ms. After the end of the pulse, at t = 20 ms, the
system returned to thermal equilibrium within about 1 s. The amount of the converted
lithium ions, i.e., the charge, can be calculated by integration of current versus time (i.e.
current transient in Figure 3.10). According to the calculation, the charge for the pulses
in Figure 3.10 was about 10 µC/cm2 (for the pulse on the left) and −12.5 µC/cm2 (for
the pulse on the right). Assuming a surface density of 1015 atoms · cm−2, this charge
correlated to about 6% of a monolayer. From the temperature transient, we confirmed
that the temperature responded immediately when the overpotential was applied, which
directly reflected the normalized heat of pulses during the electrochemical reaction due
to the applied overpotential. The normalized heat was calculated from the temperature
difference between t = 10 ms and t = 20 ms.
The change of the normalized heat for lithium deposition/dissolution on the graphite
working electrode with overpotential is shown in Figure 3.11. We applied three sets of
pulse measurements, for each of which different overpotentials were used for the potential
pulses. Before each of these three measurements, the open cell potential was about 0 V vs.
Li+/Li, which also shows that the graphite was fully charged and the surface of graphite
was covered with lithium. The change of the normalized heat with the overpotential was
approximately linear, i.e. a larger error for smaller overpotentials. The Peltier coefficient




Figure 3.11. – The change of the normalized heat with overpotential before fitting for cali-
bration with the lithium deposition and dissolution reaction, using graphite
as working electrode, Li as reference and counter electrode, LiPF6 solution
(in EC and DMC) as electrolyte.
3.3.2. The fitting of pulses
The aim of fitting is to calculate the delayed heat evolution after the end of the elec-
trochemical pulse. Normally, there is a several millisecond delay after the cell is switched
to OCP mode (delayed heat evolution). With the help of fitting, the delayed heat evolu-
tion can be calculated using the thermal response function of the cell as measured with
laser pulses. In detail, hundreds of 2 ms long laser pulses (405 nm, CS4050205M, Laser
Components) are applied after the experiment. The average of these pulses is chosen as
the master pulse, i.e. the thermal response function of the cell. Then this master pulse is
used to fit the pulses for the calibration. Since the Peltier coefficient of the calibration is
known, the heat unit of the master pulse can be calculated. With this master pulse, the
heat flow during the measurement can be obtained from the temperature transients[60].
To estimate an optimal number of laser pulses for the fitting, 40 (empty square) and
100 (empty cycle) laser pulses (2 ms long) were used, respectively, for fitting of a typi-
cal temperature transient from a measurement during lithium deposition, obtained with
positive overpotential, as shown in Figure 3.13 . From the plot of the heat flow versus
time in Figure 3.13, we observed that the heat flow continues when the outer cell current
was switched off. The first five data points corresponded to the current pulse (2 ms per
data point). In Figure 3.13, the temperature transient was fitted from t = 10 ms to
t = 90 ms (squares) and to t = 210 ms (circles). The heat flow obtained by 40 laser
pulses overlapped well with the results of 100 laser pulses. After about 90 ms, the heat
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Figure 3.12. – A typical temperature transient (black) for calibration and a 10 ms long
laser pulse (red) used for fitting to calculate the delayed heat evolution and
the heat flow of the 2 ms long laser pulses (blue empty circles).
Figure 3.13. – A typical temperature transient (red) for the current pulse during charging,
the heat flow of the fitting with 40 laser pulses (black empty square) and
100 laser pulses (blue empty circles).
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Figure 3.14. – The fitted normalized heat versus overpotential for the lithium deposition
and dissolution with graphite as working electrode, Li as reference and
counter electrode, LiPF6 solution (in EC and DMC) as electrolyte.
flow became effectively zero, which indicated that the fitting with 40 laser pulses (2 ms
long) was sufficient to calculate the total heat.
The normalized total heat, determined from integrating the heat flow up to 90 ms,
is shown in Figure 3.14. Only small deviations of the normalized heat were found for
the three measurements. The pulses for lithium deposition/dissolution on the graphite
working electrode were fitted with 40 laser pulses (2 ms long).
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entropy during Al deposition
Due to the low-cost, low-flammability, light weight and three-electron redox advantages
of aluminium (Al), Al-based rechargeable batteries are promising to possess the advan-
tages of cost-effectiveness, safety and high capacity, which would improve energy storage
devices to a large extent[66–68]. While the gravimetric capacity of aluminum is very
comparable to that of lithium (2.98 A h/g for Al vs. 3.86 A h/g for Li), the volumetric
capacity of Al (8.04 A h/cm3), is larger than that of Li by a factor of three[10]. However,
Al is hard to repetitively deposit, which undermines its use as electrode. Furthermore,
little is known about the thermodynamics involving the electrode reaction of multivalent
species and addressing these challenges would demand the study of both the materials
and the thermodynamics for the aluminium battery system[66].
The most recent studies of electrolytes for aluminium-based batteries include both aque-
ous alkaline and non-aqueous electrolytes. Room temperature ionic liquids (Ils) enable
the efficient deposition and stripping of aluminium, which makes rechargeable Al-batteries
feasible[69]. AlCl3/BMIMCl as room temperature ionic liquids, which have low melting
points, a broad potential window and are non-flammable, have been used as electrolyte
for aluminium batteries[68] and the deposition of aluminium[70]. While the structure and
composition of the ionic liquids was investigated with infrared spectroscopy[11, 12], Ra-
man spectroscopy[13] and neutron diffraction[14], studies of thermodynamics were rarely
reported.
Studies show that the ratio of AlCl3 to BMIMCl influence the composition of the
AlCl3/BMIMCl ionic liquids[71, 72]. When the AlCl3 content is higher than 50%, Al2Cl−7
and AlCl−4 ions are present in the electrolytes and the the electrolytes have acidic pro-
perties. Only the acidic compositions are feasible for Al plating and stripping[73, 74]. In
addition, the conductivity and viscosity of electrolytes are influenced by the concentra-
tion of the species[75, 76]. By changing the ratio of the AlCl3 to BMIMCl, the physical
and chemical properties (such as the conductivity and viscosity) of the ionic liquids are
adjustable, which provides many possibilities for both research and applications[77, 78].
Furthermore, although the chloroaluminate ILs are widely used in the study of aluminium
batteries[68, 73, 79], little attention has been paid to the relation between the properties
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and the structure of the species[76]. And many controversial aspects still need to be
addressed, such as the the ionic moieties present at the different compositions[76].
In this chapter, we performed microcalorimetry for an investigation of the electro-
chemical reaction of aluminium deposition/dissolution in the aluminium half cell with
BMIMCl/AlCl3 of different ratio as electrolyte and aluminium wire as reference and coun-
ter electrode. Ni and W can be used as WE, because they do not react with aluminium
and the calibration could be conducted on these working electrodes. The Peltier coeffi-
cient and reaction entropy of aluminium plating/stripping was determined for different
electrolytes with various composition, which can shed light on the ionic moieties and their
interactions in the BMIMCl/AlCl3 electrolytes.
4.1. Experiment
4.1.1. The preparation of the chemicals
The K3[Fe(CN)6] and K4[Fe(CN)6] (GR for analysis) were purchased from Merck KGaA.
The BMIMCl (over 95%) and AlCl3 (over 99%) were obtained from Fluka Chemistry. 0.1
M K3[Fe(CN)6]/ K4[Fe(CN)6] aqueous solution was prepared and then stored in volu-
metric flask. Six electrolytes of ionic liquid with different molar fraction of AlCl3 were
prepared by adding the AlCl3 powder very slowly to the beaker which contained the
BMIMCl and stirring for 30 min with a magnetic stirrer at the same time to avoid de-
composition. Each of the ionic liquid electrolytes was prepared before the measurements.
The chemicals involved in this experiment were stored in a glove box (O2 < 4 ppm;
H2O < 0.5 ppm).
4.1.2. The calibration
The calibration was conducted in ambient environment using the one electron transfer
reaction of the K3[Fe(CN)6] / K4[Fe(CN)6] redox pair, as described in section 3.3.1. Since
the aluminium deposition will irreversibly change the surface of the working electrode,
the calibration should be conducted before the aluminium deposition.
4.1.3. Electrochemical and microcalorimetric measurement of
aluminium deposition
All of the experiments in this part were conducted inside the glove box in which the
concentration of O2 was below 4 ppm and the concentration of H2O below 0.5 ppm.
The working electrode (WE), which acted as cathode during the reaction of aluminium
deposition, was the same as the calibration reaction. Aluminium was used as reference
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Figure 4.1. – The cyclic voltammogram for aluminium deposition using AlCl3 : BMIMCl
ionic liquids (1.7: 1) as electrolyte, Ni as WE, aluminium as RE and CE.
The CV was recorded, starting from 1 V, which was repetitively scanned
between -0.1 V and 0.6 V. The scan speed was 50 mV/s.
(RE) and counter electrode (CE). They were processed with sand paper, washed with
ultra pure water in an ultrasonic cleaner, dried with paper and transferred to the glove
box immediately.
During the cyclic voltammogram, the potential was scanned between −0.2 V and 0.4 V
with a scan speed of 50 mV/s. Before the deposition of aluminium, 1 V was applied
for 60 s [65] to remove the oxide layer from the surface of the working electrode. The
pretreatment process by applying positive potential is similar to acidic etching (as in
concentrated H2SO4), which can activate the oxide layer of the WE[80, 81]. In order
to make the reaction of aluminium deposition/dissolution reversible, hundreds of layers
of aluminium should be deposited beforehand (with a current of 500 µA for 3 min, area
of the WE: 0.2 cm2). The system was then kept at open cell potential (OCP) for 10
min until the equilibrium was reached. In the next step, potential pulses with different
amplitudes were applied to measure the Peltier coefficient of the reaction for aluminium
deposition/dissolution.
4.2. Results
Figure 4.1 shows the CV curve of the aluminium deposition/dissolution process on a Ni
WE when the ratio of AlCl3 to BMIMCl was 1.7:1. From 0.8 V to 0.2 V, there was a
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Figure 4.2. – The cyclic voltammogram for aluminium deposition using AlCl3 : BMIMCl
ionic liquids (1.7: 1, black one) and (1.1: 1, red one) on the working electrode
and the aluminium counter electrode.
small current and no peaks could be observed in this potential region. Considering the
scan speed and the charge, the capacity of the double layer was about 2.4 · 10−4 F/cm2.
The current increased significantly at about −0.1 V, corresponding to the deposition
of the aluminium. As shown in Figure 4.1, the slope of the curve around 0 V was very
steep, which indicated a successful deposition of aluminium. And the slope of the first
cycle at around 0 V was significantly steeper than that of the second and the third. From
the third cycle, the variance of the slope around 0 V was small, which indicates that the
reaction of aluminium deposition/dissolution was reversible. Another example could be
found in Figure 4.2, in which the slope of the CV curve around 0 V was steeper when
the ratio of AlCl3 to BMIMCl was 1.7:1 (compared with the sample, where the ratio was
1.1). The capacity of the double layer was about 5.9 · 10−5 F/cm2. Furthermore, a larger
current could be found when the ratio of AlCl3 to BMIMCl was 1.7:1. The slope of the
CV curve around 0 V indicates the extent of the difficulty of the aluminium deposition.
Figure 4.3 and Figure 4.4 show optical microscopy images of the surface of a tungsten
working electrode before and after the deposition of aluminium, respectively. In Figure
4.3, the scratches from the sandpaper could be seen clearly. After the deposition of
aluminium for 3 min with a current of 500 µA (inside the glove box, area of the WE:
0.2 cm2), the surface of the working electrode was partly covered with several layers of
deposit. If we chose 1 · 1015 atoms · cm−2 as the number of metal atoms on a close packed
surface, about 940 layers of alumnium were deposited on average.
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Figure 4.3. – Optical image of the surface for the polished tungsten foil as working elec-
trode before the deposition of aluminium.
Aluminium oxide was formed when the WE was exposed to air, while the WE was
transferred to the microscope. From the optical microscopy image of the surface of the
working electrode and the CV curve of the reaction, we can confirm that aluminium was
deposited on the working electrode in this system of ionic liquid.
Figure 4.5 shows the potential, current and temperature transients of a typical pulse,
obtained with an overpotential of ±80 mV versus the Al/Al3+ equilibrium potential. The
left part shows the transients for aluminum dissolution. When the potential pulse started
at t = 10 ms, the temperature of the sensor responded immediately. At the end of the
pulse (t = 20 ms), the temperature of the sensor reached the minimum of -0.16 in arbi-
trary units. Then the cell was kept at the open cell potential (OCP) condition and the
temperature relaxed to equilibrium. The charge of the pulse could be obtained by inte-
gration of the current transient (±27.5 µC/cm2 for the transients shown in Figure 4.5).
Less than 10% of a monolayer of aluminium was dissolved/deposited under the assump-
tion that it’s single crystal aluminum with face centered cubic structure on the tungsten
working electrode. The normalized heat of the pulses in aluminum deposition/dissolution
experiments was obtained by dividing the amplitude of the pulse heat by pulse charge.
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Figure 4.4. – Optical image of the surface for the polished tungsten foil as working elec-
trode after the deposition of aluminium.
The change of normalized heat with overpotential is shown in Figure 4.6. For negative
overpotential pulses, corresponding to aluminum deposition, we found a decrease of tem-
perature. Therefore, there was a cooling effect where negative overpotental pulses were
applied. The positive pulses show an increase in temperature, and corresponded to the
dissolution of aluminium. According to Equation (2.19) in chapter 2, the heat change was
composed of three factors. The first one was the reversible heat from the electrochemical
reaction. The second factor is irreversible heat which is due to a polarization of the charge
on the electrode because of the overpotential. The third, Joule heat, was also irreversible
because of the current flow through the electrolyte. But the contribution of Joule heat
could be neglected in our system since the applied overpotential was very small and lasted
only 10 ms.
In our measurement, when the ratio of AlCl3 to BMIMCl was 1.7, the Peltier coefficient
Π (Π = T∆S) for the aluminum deposition/dissolution reaction was about 10 kJ/mol
and had a good reproducibility. The transport heat was calculated according to Equa-
tion (2.16) in subsection 2.1.2, which was only about 7.6 J/mol and could be neglected
compared with the Peltier coefficient.
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Figure 4.5. – Typical pulses including potential (top), current (middle), and temperature
(bottom) transients of aluminum dissolution (left) and deposition (right).
Aluminum deposition/dissolution was conducted on a ca. 940 monolayer-
thick aluminum-film on Ni by applying a pulse with a overpotential of 20
mV at t = 10 ms. At t = 20 ms the outer circuit was switched to open and
the temperature reached equilibrium close to 1 s.
4.3. Discussion
4.3.1. Aluminium deposition on W or Ni
In these experiments, we chose tungsten or nickel as working electrode. Firstly, about 940
monolayers of aluminium was deposited on the working electrode before the measurements
Figure 4.6. – The normalized heat of pulses duing aluminium deposition after fitting with
2-ms-laser pulses (40). To separate the reversible heat effect from irreversible
effects that are due to overpotential, we extrapolated the overpotential to
zero.
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Figure 4.7. – The normalized heat (with calibration and fit) of pulses during the alu-
minium deposition using Ni (red) and W (black) as working electrode, re-
spectively. The electrolyte used here was AlCl3 : BMIMCl ionic liquids (1.7:
1).
of the reversible heat. As can be seen from Figure 4.4, the reaction we measured here
occurred on the surface of aluminium. As shown in Figure 4.7, the Peltier coefficient of
the aluminium deposition/dissolution on W and Ni were both 10 kJ/mol with a variance
of 0.2 kJ/mol when the ratio of AlCl3 to BMIMCl was 1.7). Therefore, the materials of
the WE has no influence on the reversible heat of the reaction.
There are two requirements for choosing the working electrode. One of the prerequi-
sites for choosing a certain metal foil as working electrode is that it doesn’t react with
alumnium, which indicated the second requirement for choosing a WE: the calibration
reaction can be conducted on the working electrode. Since the aluminium WE facilitates
the deposition of alumnium because of its similar lattice structure with the aluminium
deposit, Al can be a good choice as WE. However, the K3[Fe(CN)6]/K4[Fe(CN)6] redox
pair reaction for calibration can’t be conducted on Al WE.
4.3.2. Warming or cooling effect when ratio of aluminium
chloride to BMIMCl is 1.7
As shown in Figure 4.8, the transient of the heat signal for aluminium dissolution was
compared with that of a laser pulse. The change of the temperature was in the same
direction. Since it’s always warming effect for laser pulses, the aluminium dissolution has
a warming effect and vice versa, the aluminium deposition has a cooling effect. Even
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Figure 4.8. – The full (left) and enlarged potential pulse including the transients (right)
of potential (top, blue), current (middle, black), and temperature (bottom,
red) for aluminum dissolution and a 2-ms-laser pulse. Aluminum dissolu-
tion was conducted on a ca. 940 monolayer-thick aluminum-film on Ni by
applying a pulse with a overpotential of 20 mV at t = 10 ms. At t = 20 ms
the outer circuit was switched to OCP mode and the temperature reached
equilibrium close to 1 s. Since the laser pulse causes a warming effect, the
comparison between the laser pulse and the temperature transient could
give us a clue for the heat effect of the aluminium deposition.
Table 4.1. – The Peltier coefficient and entropy for aluminium deposition/dissolution with













though the change of temperature for one single pulse was tiny due to the small amount
of charge, it could have a significant influence during the charging of Al batteries when a
transfer of more charge is involved. Therefore, the thermal effects of the reaction should
be considered in the design of energy storage devices.
4.3.3. Different ratio of aluminium chloride to BMIMCl
The Peltier coefficient of aluminium deposition in six electrolytes with different ratio of
AlCl3 to BMIMCl was measured with good reproducibility and the corresponding reaction
entropy was calculated, as shown in Table 4.1 and Figure 4.9. When the ratio of AlCl3
to BMIMCl was 1.7:1, the Peltier coefficient was (9.6± 0.5) kJ/mol. Thus the reaction
entropy of one mole electron was about (34± 3) J/(mol K). As the ratio of AlCl3 decre-
ased, the Peltier coefficient also decreased. When the ratio was 1.3, the Peltier coefficient
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Figure 4.9. – The normalized heat of the dissolution and deposition of aluminium versus
the overpotential for a series of measurements conducted in ionic liquid
electrolytes with different molar ratios of AlCl3 to BMIMCl (1.7, 1.5, 1.4,
1.3, 1.2, 1.1) and on a Ni working electrode. It shows a good reproducibility
and regular decrease with the decrease of ratio of the AlCl3 to BMIMCl.
became negative (−0.7 kJ/mol). As the ratio decreased to 1.1:1 (AlCl3 to BMIMCl) ,
the corresponding Peltier coefficient was (−9.4± 0.5) kJ/mol. Compared with the Pel-
tier coefficient for the deposition of copper (54.8 kJ/mol) and silver (−5.8 kJ/mol)[82],
the cooling effect of the aluminium deposition using the electrolyte with a ratio of 1.7:1
(AlCl3 to BMIMCl) is comparable to the deposition of Cu2+.
As mentioned, when the ratio of AlCl3 to BMIMCl was smaller than 1.3:1, it’s difficult
to deposit aluminium directly on W or Ni WE. Thus, we firstly deposited 940 layers
of aluminium on working electrode. Then, the cell was washed using the electrolyte
with smaller ratio (AlCl3 to BMIMCl), following by adding the corresponding electrolyte.
Typical pulses including potential (top), current (middle), and temperature (bottom)
transients of aluminum dissolution/deposition using the electrolyte of 1.1:1 are shown in
Figure 4.10. It is demonstrated that the aluminium deposition using the elctrolyte of
1.1:1 (AlCl3 to BMIMCl) was reversible.
When the molar fraction of AlCl3 is between 58% and 65% (the ratio of AlCl3 to BMIMCl
is between 1.4:1 and 1.7:1), the predominant ion in the ionic liquid electrolytes was Al2Cl−7
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Figure 4.10. – Typical pulse including potential (top), current (middle), and temperature
(bottom) transients of aluminum dissolution/deposition using the electro-
lyte of 1.1:1. Aluminum deposition/dissolution was conducted on a ca. 940
monolayers aluminum-film on Ni WE by applying a pulse with a overpo-
tential of 40 mV at t = 10 ms. At t = 20 ms the outer circuit was switched
to open and the temperature reached equilibrium close to 1 s.
[71, 72]. The main reaction of aluminium deposition on the working electrode could be
determined as the following[68, 83]:
4[Al2Cl7]
− + 3e− −→ Al + 7[AlCl4]− (4.1)
Lai et al. showed that the deposition of aluminium was not a single step reaction and
a more complex mechanism with several steps was involved[84]. Under the control of
potential, one Al2Cl−7 ion was adsorbed to the aluminium surface in the applied electric
field. Electrons on the working electrode were provided to the adsorbed Al2Cl−7 ion, after
which one of the aluminium atoms in Al2Cl−7 ion was immobilized and produced three
chloride ions. The three chloride ions, detached from the immobilized aluminum atom,
reacted with three Al2Cl−7 molecules and formed six AlCl
−
4 ions. This process could also












The equilibrium constant for reaction (4.2) was reported to be about 3.25 at 40 ◦C by a
chronopotentiometric measurement and a calculation according to Sand’s equation[85, 86].
These reactions of (4.2) and (4.3) yielded a overall reaction of (4.1).
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According to Equation (4.1), the entropy relation could be denoted as following:
7SAlCl−4 − 4SAl2Cl−7 = 3 ∆rS − SAl (4.4)
where ∆rS was the reaction entropy for one mole electrons. 3∆rS should be used in the
equation, because three mole electrons were transferred when one mole aluminium was
deposited.
Even though the immobilization of Al ions on the WE leads to the decrease of entropy,
the change of the solvation shell and the entropy increase due to the produced species
should be considered. Since four larger Al2Cl−7 molecules were sacrificed and seven smal-
ler AlCl−4 molecules were produced, it’s reasonable that a positive reaction entropy was
obtained when the ratio of AlCl3 to BMIMCl was 1.7:1.
The reaction entropy of aluminium deposition decreased when the ratio of AlCl3 to
BMIMCl decreased, as shown in Table 4.1, which is probably due to the change of
the concentration of the ions in ionic liquids (the dilution entropy of the predominant
ions). The effect of concentration change of ions on the reaction entropy of alumi-
nium deposition can be calculated by combining Equation (4.4) and the equation of
SX− = S
o
X− − Rln(aX− − RT ((daX−)/(dT ))[50]. Here X− is the predominant ions in
ionic liquids, i.e. AlCl−4 and Al2Cl
−
7 . SoX− is the standard molar entropy of X
−. aX− is
the activity of X−. The temperature dependence of the activity, which is usually small,
can be neglected. There is a deviation between the calculated results of concentration
effects and the experimental results for the change of reaction entropy with the ratio of
AlCl3 to BMIMCl. A possible reason is that other processes, such as the adsorption of
ions on working electrode which has a negative entropy, are involved during aluminium
deposition.
4.4. Conclusion
In this chapter, with the help of electrochemical microcalorimetry, we obtained the
Peltier coefficient (molar exchanged heat) and the reaction entropy for aluminum deposi-
tion/dissolution process using AlCl3/BMIMCl ionic liquids with different ratios of AlCl3
to BMIMCl as electrolyte. Tungsten or nickel was suitable as working electrode, while
aluminium was not feasible in this reaction, since the calibration reaction couldn’t be con-
ducted on an Al WE. Al wires could be used as reference electrode and counter electrode,
since the Al reference electrode provided a stable reference potential.
The Peltier coefficient was (9.6± 0.5) kJ/mol when the ratio of AlCl3 to BMIMCl was
1.7:1. A cooling effect was found for aluminium deposition, while a warming effect for
aluminium dissolution. When the ratio of AlCl3 to BMIMCl decreased, the corresponding
Peltier coefficient and reaction entropy also decreased. As the ratio of AlCl3 to BMIMCl
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was between 1.4:1 and 1.7:1, the predominant ions in the ionic liquid electrolyte was
Al2Cl−7 . During the deposition of aluminium, seven AlCl
−
4 ions were produced with a
sacrifice of four Al2Cl−7 ions when one aluminium ion was immobilized, which leaded to
the positive sign of the reaction entropy. The Peltier coefficient became negative when
the ratio of AlCl3 to BMIMCl was between 1.4:1 and 1.1:1.
The concentration effects on the change of reaction entropy was partly due the dilution
entropy of the predominant ions. Some other processes, such as the adsorption of ions,
were also expected.
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entropy during lithium deposition
Lithium-ion batteries are widely used for energy storage in many fields, e.g., in portable
electronic devices[66]. Ongoing research efforts aim to extend their use in new fields such
as electric automobiles. Li-ion batteries operate with an electrolyte consisting of a lithium
salt in organic solvents. Usually a mixture of cyclic and acyclic carbonates is used as sol-
vent in order to combine advantageous properties such as a high dielectric constant, low
viscosity, low melting point, high boiling point and high conductivity[87, 88]. Particularly
the viscosity and conductivity of the electrolyte are influenced by the concentration of the
lithium salt. At high concentrations, lithium and its counter ion may form neutral ion
contact pairs, which do not contribute to the conductivity[89]. Additionally the coordi-
nation number of the lithium ion may change with both concentration and electrolyte
composition[88–92]. Information on the behavior of solvated lithium and the molecular
structure of lithium-solvent aggregates is helpful to study cointercalation[93] and the for-
mation of layers covering the electrode (also called solid electrolyte interphase layer, SEI
layer)[94] and to design electrolytes[95].
The solvation of lithium ions in battery electrolytes has therefore been studied by several
methods, including Raman- and IR- spectroscopy, DFT- and MD- calculations[91, 93],
ionization mass spectroscopy[96], NMR[90, 92, 94], and conductivity measurements[95].
In this study, we investigated concentration effects on reaction entropy during electro-
chemical deposition of lithium from a solution of LiPF6 in a mixture of ethylene carbonate
(EC) and dimethylcarbonate (DMC) using electrochemical microcalorimetry (see Refe-
rences [23, 60, 97]). A series of LiPF6 electrolytes in different concentrations (1 M, 0.1
M, 0.01 M) were used in order to gain information on the solvation behavior of Li+ upon
dilution, possible changes in coordination and the influence of contact ion pair forma-
tion. These results were partly published in the reference[75]. The discussion in this work
closely follows that reference[75].
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5.1. Experiment and chemicals
5.1.1. Chemicals
The K3[Fe(CN)6] and K4[Fe(CN)6] (GR for analysis) were purchased from Merck KGaA.
1 M Lithium hexafluorophosphate (LiPF6) in ethylene carbonate (EC) and dimethyl car-
bonate (DMC) (EC : DMC = 1 : 1) was from BASF (battery grade) and stored in the
glove box. A mixture (1:1, wt%) of EC (Alfa Aesar, 99%) and DMC (Alfa Aesar, 99%)
was prepared as solvent in the glove box (O2 < 4 ppm; H2O < 0.5 ppm). The solvent
was stored in a ground-glass stoppered flask with proper amount of molecular sieve for
purification. The LiPF6 electrolytes with lower concentration (0.1 M, 0.01 M) were pre-
pared by adding a mixture (1:1, wt%) of EC and DMC to the LiPF6 solution (1M). The
diluted electrolytes (0.1 M and 0.01 M) were freshly prepared before each measurement.
Ni foil and Au foil, as working electrode (WE), were cut in round pieces with a diame-
ter of 9 mm. Ni was polished with diamond paste (0.7 µm-HK-A, from Walter Messner
GmbH), followed by washing with ultra pure water. For the calibration, platinum wire
with a diameter of 0.2 mm was used as reference electrode (RE) and counter electrode
(CE). For the deposition of lithium, lithium wire (2 mm) was used as RE and CE.
5.1.2. Electrochemical and microcalorimetric measurement of
lithium deposition
The electrochemical and microcalorimetric measurements of lithium deposition were
performed in the glove box, where the concentration of O2 was below 4 ppm and the con-
centration of H2O below 0.5 ppm. Ni and Au were used as working electrodes, respectively.
For lithium deposition, the platinum could also be used as pseudo RE and CE[42]. Howe-
ver, the lithium is more suitable as RE, due to the better-defined reference potential for
the deposition of lithium. On lithium CE, the deposition/dissolution of lithium becomes
reversible. In addition, there is no difference of the Peltier coefficient between the pla-
tinum and lithium as RE and CE[42, 75]. Therefore, lithium was used (as RE and CE)
in this chapter. Before the measurement of each electrolyte, the cell was rinsed with the
corresponding electrolyte for three times. The measurements in the glove box consisted
of two parts. Firstly, a cyclic voltammogram (CV) was recorded, starting at 3.4 V (open
cell potential), which was repetitively scanned between −0.2 V and 1 V. When the CV
demonstrated a good reproducibility, the reversible heat of the reaction was measured
with the microcalorimeter by applying potential pulses with different amplitudes.
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Figure 5.1. – The cyclic voltammogram with 1 M LiPF6 in ethylene carbonate (EC) and
dimethyl carbonate (DMC) as electrolyte, Ni as working electrode and li-
thium as RE and CE electrodes. The CV was recorded, starting from 3.4
V, which was repetitively scanned between -0.1 V and 1 V.
5.2. Results
5.2.1. Results of lithium deposition on a Ni working electrode
Considering the requirement of calibration and the deposition of lithium, we used po-
lished Ni as working electrode. Figure 5.1 is the CV for the deposition of Li on Ni. The
open cell potential was about 3.4 V. At the beginning, the CV was scanned towards the
negative direction until the strong negative current appeared at −0.1 V, which correspon-
ded to the deposition of lithium. The additional reduction peak in the first cycle with an
amplitude of about −50 µA at 0.8 V may be due to the decomposition of the electrolyte
and the formation of SEI layer[98]. Different from the CV for Au (see Figure 5.6) as
working electrode, there was only one significant oxidation peak with an amplitude of
about 280 µA at 0.2 V. As shown by the CV curve near 0 V of the second and third
cycles in Figure 5.1, the curve was almost linear and the slope was very steep at 0 V. This
gave a clue that the deposition and dissolution of lithium on Ni was reversible. When
the curves of the different cycles were compared, it could be confirmed that the CV curve
demonstrated good reproducibility.
Figure 5.2 shows transients of potential, current and temperature up to 100 ms. Nega-
tive overpotential corresponds to lithium deposition and positive overpotential to lithium
dissolution. The cell was kept for 10 ms at equilibrium potential before applying the
potential pulse. Then, potential pulses with different overpotential (120 mV in Figure
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Figure 5.2. – A typical pulse including transients of potential (top, blue), current (middle,
black) and temperature (bottom,red) up to 100 ms applied with positive
overpotential using 1 M LiPF6 in EC/DMC as electrolyte, Ni as WE, Li as
RE and CE.
5.2) were applied between t = 10 ms and t = 20 ms. After the end of the pulse, the
cell was switched to OCP and the system relaxed to the thermal equilibrium within ca.
1 s. The amount of the converted lithium ions can be estimated through the integration
of the current-time curve (the current transient in Figure 5.2). According to the calcu-
lation, the charge for the pulse in Figure 5.2 was about 30 µC/cm2. Assuming a surface
density of 1015 atoms · cm−2, this charge corresponds to about 18% of a monolayer of Li,
referred to a close packed Li layer. The temperature changed immediately with applying
the pulse, which directly reflected the heat evolution during the potential pulse. Through
calibration, the normalized heat during the reaction could be determined quantitatively.
As previously reported by our group[42], the deposition of lithium had a cooling effect
and lithium dissolution had a warming effect on the electrode. This behavior is also a
clue for the reversibility of the reaction.
In Figure 5.3, the normalized heat for the dissolution/deposition of lithium with 1 M
LiPF6 as electrolyte was plotted as a function of the overpotential, that is, the amplitudes
of the corresponding potential transients. Excellent linearity in plots of the normalized
heat vs. the overpotential was obtained, with larger deviation from linearity for smaller
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Figure 5.3. – The normalized heat of the dissolution (positive potential pulse) and depo-
sition (negative potential pulse) of lithium versus overpotential using 1 M
LiPF6 in EC/DMC as electrolyte, Ni as WE and Li as RE and CE.
overpotential. According to Equation (2.19) in chapter 2, there were three main contri-
butions to the heat: reversible heat due to the entropy change of the reversible process;
the irreversible heat due to the polarization of the electrode; the Joule heat, which can
be neglected in our case, because the pulse was very short (10 ms).
As mentioned in chapter 2, the molar heat of a reaction (T ·∆RS) is also known as the
Peltier coefficient (Π):
Π = T ·∆RS (5.1)
Both the entropy of the main electrochemical reaction and the entropy of sides reactions
contributed to the molar entropy change ∆RS. In addition the transport entropy due to
the transfer of electrons and ions also made a contribution to the Peltier coefficient[44].
However, the contribution of the transport entropy could be neglected because of the large
Stokes radius of the lithium ion[42]. In order to obtain the reversible contribution to the
normalized heat of the reaction, the data of all the pulses with different amplitudes was
extrapolated to an overpotential of zero by linear fit (linear regression). In Figure 5.3, the
Peltier coefficient (after calibration) for 1 M solution of LiPF6 in EC/DMC was about
(45± 3) kJ/mol.
We also checked the error of this measurement with the microcalorimeter. Firstly, the
error of the temperature transients was examined by checking the signal-to-noise ratio.
As expected, the error is larger for pulses with smaller overpotentials, that is smaller con-
versions. Secondly, the error for the Peltier coefficient of different measurements without
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Figure 5.4. – The normalized heat of the dissolution (positive potential pulse) and depo-
sition (negative potential pulse) of lithium versus overpotential for a series
of measurements conducted in a 1 M, 0.1 M and 0.01 M LiPF6 solution on
Ni working electrode.
manually changing of the cell (statistical error) can be derived from the linear fit and is
usually within the extent of 1% for 1 M and 0.1 M electrolyte, which shows that the linear
extrapolation is a reasonable approximation and that the measurement exhibits good re-
producibility. Typical deviations of the Peltier coefficient among different measurements
within one experiment, i.e. without dismantling the cell, were of the order of 1 kJ/mol.
However, the error of the data from different experiments is of the order of 6 kJ/mol,
since the error of calibration procedure on the Ni WE should be considered.
The slope of the linear fit in Figure 5.3 demonstrates the increase of the contribution from
irreversible heat with increasing overpotential, as shown by Equation (2.19) in chapter 2.
In the ideal condition, the slope should be close to the Faraday constant. Nevertheless,
the real measurement shows deviations mainly because of the electrolyte resistance, which
induces a potential drop between working electrode and reference electrode. Therefore,
the effective overpotential at the interface between electrode and electrolyte becomes lower
than the amplitude of the potential pulse and the slope of the linear fit becomes smaller
than the Faraday constant. But this deviation doesn’t change the result of the Peltier
coefficient, because the Peltier coefficient is obtained by extrapolating the overpotential
to zero and is independent of the slope of the linear fit [52].
In this chapter, our aim is to obtain the Peltier coefficient of lithium deposition from
electrolytes with different concentrations to gain information on the behavior of lithium
ions upon dilution. As shown in Figure 5.4, the normalized heat for lithium deposition
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Figure 5.5. – The normalized heat of the dissolution and deposition of lithium versus
the logarithmic concentration (dilution factor) for a series of measurements
conducted in a 1 M, 0.1 M and 0.01 M LiPF6 solution on Ni working elec-
trode. It shows good reproducibility and regular decrease with the decrease
of concentration of the LiPF6.
from 1 M, 0.1 M and 0.01 M solution of Li+ in EC/DMC for different potential pulse
amplitudes was determined within one experiment without changing the configuration of
the cell. We measured two sets of potential pulses for each electrolyte solution. At the
interval of the two sets of the pulses, we waited at least 10 min until the system returned
to the equilibrium. During washing of the cell, for example, before measuring of 0.1 M
solution, we removed the electrolyte of 1 M concentration and rinsed the cell thoroughly
using the 0.1 M electrolyte for three times. The transients of all pulses were checked.
Most of the pulses were good except some pulses with small amplitudes, which had a low
signal-to-noise ratio.
According to Equation (2.19) in chapter 2, the Peltier coefficient was obtained by ex-
trapolating the overpotential to zero. As shown in the Figure 5.4, the Peltier coeffi-
cient decreases with concentration. The Peltier coefficient was (45± 3) kJ/mol for 1 M,
(40± 3) kJ/mol for 0.1 M and (35± 3) kJ/mol for 0.01 M. The reliableness was examined
by repeating the measurements of 1 M electrolyte. For example, after measuring the 0.1
M solution, we repeated to measure the normalized heat for the 1 M solution. The results
were reproducible. The average difference of the Peltier coefficient for lithium deposition
in 1 M electrolyte between the two measurements is less than 0.5 kJ/mol.
As shown in Figure 5.5, the difference between the Peltier coefficient for 1 M solution
and the diluted solution is about 5 kJ/mol for a dilution by a factor of 10. For a dilution
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of 100, the difference of Peltier coefficient is about 10 kJ/mol. Any time dependent
changes or aging effects can be neglected, because the first and the corresponding repeated
measurements exhibited the same results. It is noteworthy that the slope of the linear
regression becomes slightly smaller with decreasing electrolyte concentration. This is due
to the increasing electrolyte resistance and larger ohmic drop at the lower concentrations
of electrolytes.
We repeated the whole experiment five times. Some of the experiments demonstrated a
slightly larger Peltier coefficient (e.g. 48 kJ/mol for the 1 M LiPF6 electrolyte). However,
all of the differences for the Peltier coefficient were in the order of (5.0± 1.5) kJ/mol for
a dilution by a factor of 10 and (10± 2) kJ/mol by a factor of 100. Occasionally, the
Peltier coefficient for the very first lithium deposition was smaller than that of all the
following measurements of the same concentration of electrolyte. This is reasonable when
we considered the decomposition of the electrolyte and the formation of SEI layer while
the lithium was deposited on the working electrode. Therefore, we attribute this heat
effect to side reactions due to the building of a SEI layer, which was continued during
the pulses. We therefore disregarded the results of the first Li deposition experiment of a
series of measurements.
5.2.2. Lithium deposition on a Au working electrode
In addition to experiment of Li deposition on Ni WE, we also used Au as WE. It turned
out that alloying of Li and Au distorts the microcalorimetric measurements. Since the
corresponding deposition measurements are still of relevance, we present them in the
following.
When Au was chosen as WE, three main processes were involved: the decomposition of
electrolyte (reports were found for both the solvent[99] and solute[100]), the formation of
SEI layer and the alloying process with lithium. These processes were confirmed by in situ
STM[101] and in situ TEM[99]. Yet, it’s difficult to distinguish these processes from TEM
images[99]. However, at the potential where lithium was deposited, the alloying between
Au and Li should be the dominant process, considering that the formation of SEI layer was
observed above 0.7 V[102]. An atomic resolution STM, TEM and X-ray studies of Li and
Au ordering in Au electrode revealed that a Au3Li structure in coexistence with the pure
Au lattice planes (111)[99, 103, 104]. To evaluate the influence of the alloying process on
the deposition of lithium, cyclic voltammetry and electrochemical microcalorimetry were
performed.
Figure 5.6 shows the CV for 1 M LiPF6 on Au (WE) with Li as RE and CE and LiPF6 in
EC/DMC (1 M) as electrolyte. It was recorded, starting from 3.2 V, which was repetitively
scanned between -0.1 V and 1.7 V. The first reduction peak appeared at 2 V, which had
a current density of −300 µA/cm2 and a charge of −4 mC/cm2. As the scan went on,
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Figure 5.6. – The cyclic voltammogram for the solution of 1 M LiPF6 in ethylene carbo-
nate (EC) and dimethyl carbonate (DMC) on an Au working electrode with
lithium as RE and CE electrode. The CV was recorded, starting from 3.2
V, which was repetitively scanned between -0.1 V and 1.7 V.
another two reduction peaks with smaller amplitude appeared at 1 V and 0.5 V, which
might correlate to the decomposition of the electrolyte[98]. When the potential came
close to −0.1 V, the formation of an alloy between Au and Li was expected[99, 101] while
the lithium was deposited on the Au working electrode. This process was not reversible,
which could be confirmed by the absence of a sharp oxidation peak in the CV curve.
There was only one oxidation peak with a small amplitude of 50 µA/cm2. In addition,
the oxidation peaks for the CV curves in different cycles were not reproducible.
By spatially resolved EELS spectra, it was found that the Au was covered with a layer
of Li−Au alloy[99]. Under the assumption that the layer of Li-Au alloy may prevent
the Au from further alloying, we deposited about 6000 monolayers of lithium on the
Au working electrode and performed the microcalorimetric measurements. Using the
LiPF6 electrolyte (1 M, in EC/DMC), ten heat measurements of Peliter coefficient Π
were obtained. Figure 5.7 shows the plots of the normalized heat vs. the overpotential
with 1 M LiPF6 in EC/DMC as electrolyte. It could be found that there were significant
differences among the measurements. In addition, most of the curves show a much lower
value of the normalized heat (between 25 kJ/mol and 10 kJ/mol) than that we obtained
using Ni as working electrode. It could be expected that the alloying process continued
while the microcalorimetric measurements were performed. Therefore, the Au-Li layer
wasn’t sufficient to prevent the Li and Au from further alloying.
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Figure 5.7. – The normalized heat of the dissolution (positive potential pulse) and depo-
sition (negative potential pulse) of lithium versus overpotential for a series
of measurements conducted in a 1 M LiPF6 solution and on Au working
electrode.
Figure 5.8. – The normalized heat of the dissolution (positive potential pulse) and depo-
sition (negative potential pulse) of lithium versus overpotential for a series
of measurements conducted in a 1 M, 0.1 M and 0.01 M LiPF6 solution and
on Au working electrode.
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The comparison of the normalized heat using electrolyte of different concentration was
conducted in Figure 5.8. Even though the values of the normalized heat were small for
all measurements with Au as WE, the relative relation among the measurements are
clear. As shown in Figure 5.8, the normalized heat was larger for the electrolyte (LiPF6
in EC/DMC) with higher concentration (1M > 0.1M > 0.01M). When the electrolyte
was diluted by a factor of 10, the normalized heat decreased by about 5 kJ/mol; for a
dilution factor of 100, the normalized heat decreased about 10 kJ/mol. Within error bar,
the decrease of the Peltier coefficient upon dilution of the electrolyte was therefore, the
same as that found for the lithium deposition on Ni working electrode.
Even though the WE demonstrated a significant improvement for calibration over the
Ni WE, it is not stable when lithium was deposited on it. The results show that Au is
not suitable as a working electrode for studying the deposition of lithium, because of the
alloying process.
5.3. Discussion
Microcalorimetric measurements of lithium deposition using Au and Ni as the WE show
that the observed dilution effects on the Peltier coefficient are indeed independent of the
substrate and hence stem from variations of the entropy of the Li ions in solution.
5.3.1. Concentration effects on the lithium deposition
The following discussion closely follows the Reference [75]. The entropy (S or ∆S) is
a state function, which means that its value is path independent. It has a positive sign
when the entropy of the system increases and the system becomes more disordered and
vice versa[43]. In addition, the reaction pathways for electrochemical lithium deposition
from the different concentrations have the same thermodynamic final state but a different
starting one. Therefore, the differences in the Peltier coefficient of the lithium deposition,
corresponding to the entropy of the process, resulted from changes in the entropy of the
solvated lithium ion in the solution for different concentrations. During the dilution of
the electrolyte, three effects were included: changes in coordination, the formation of ion
contact pairs and the entropy of dilution.
The dilution effect on the reaction entropy during lithium deposition can be readily
calculated. The changes of the entropy of the Li+ ion (SLi+) correlates with its activity
aLi+ according to the following equation[50]:
SLi+ = S
o
Li+ −RlnaLi+ −RT ((∂lnaLi+)/(∂T )) (5.2)
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where SoLi+ is the standard molar entropy of Li
+ and a is the activity of the ions. The
temperature dependence of the activity can be neglected, because it’s usually small. Un-
der the assumption that the activity can be approximated by the concentration of the









According to Equation (5.4), the Peltier coefficient will decrease by 5.7 kJ/mol when
the dilution factor was 10 and by 11.4 kJ/mol when the dilution factor was about 100.
These calculated values are close to the experimental results of (5.0± 1.5) kJ/mol and
(10± 2) kJ/mol. Since the electrolytes are not ideal dilute solutions, there will be devia-
tion due to the change of the activity coefficient of Li+ in the different concentrations. In
the concentration range between 0.01 M and 1 M, the activity coefficient is smaller than
one, with stronger deviations for higher concentrations. Therefore, it will lower the effect
of dilution on the Peltier coefficient if activities is considered instead of concentrations.
If the Davies equation is employed, which is an extension of the Debye-Hückel equation
for higher concentrations [105], it will result in a reduction of the Peltier coefficient to
5.4 kJ/mol for dilution by a factor of 10. Therefore, the dilution entropy of solvated Li+
provides a reasonable interpretation for our experimental results. In addition, it is also
necessary to discuss other possible contributions.
The effect of changes in the coordination of Li+ with electrolyte concentration also
makes a contribution to the changes in the solvation of Li+ ions. It has been found
by various methods, such as Raman-, IR-, and NMR-spectroscopy as well as by DFT-
and MD-calculations that the coordination number of Li+ increases upon dilution, e.g.,
in solutions of LiClO4 in EC, LiBF4 in MEC (methoxymethyl ethylene carbonate) and
LiBF4 in EC/DMC[89–91, 106]. However, in those reports, contributions from inner and
outer solvation shells are not discriminated.
Previous report from our group showed that there were about 4 coordinated solvent
molecules in the inner shell of lithium ion and that the entropy of lithium deposition is
mainly due to the entropy gain of the solvent molecules when they are released from the
inner solvation shell upon deposition of the Li+ ion[42]. The contribution to the entropy
change by the liberation of solvent molecules from the inner solvation shell upon lithium
deposition was estimated to be about 42 J mol/K for 1 M Li+ in EC:DMC, referred to the
one mole of liberated solvent molecules. In other words, the Peltier coefficient will increase
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by about 12 kJ/mol for an increase of the coordination number in the inner solvation shell
by about one upon dilution.
According to our data, however, we determined a decrease of the Peltier coefficient upon
dilution, which can be fully interpreted as the entropy of dilution. Note that activity
variations with concentration cannot compensate for changes in the inner coordination
shell, since the effect of activity also tends to lower the differences of the Peltier coefficients
upon dilution, as discussed above. We therefore expect that the inner shell coordination of
Li+ ions is not changing considerably upon dilution and that the reported changes of the
coordination number of Li+ with concentration rather reflect changes in the coordination
beyond the first coordination shell.
Finally, we consider the effect of the formation of ion contact pairs as a third contribution
to the entropy changes in the solvation of Li+ ions with different concentration. Ion pairs
formation (association) is favored in electrolytes with small permittivity and/or high
concentration. Contact pairs between lithium and its counterion have been identified in
various salts and solvents using Raman- and IR-spectroscopy[89, 106, 107], Hartree-Fock,
MD and DFT calculations[91, 93, 108], and conductivity measurements[95]. The extent
of ion contact pair formation also has been discussed in literature. Qiao et al. studied the
ion contact pair formation of LiBF4 in 4-methoxymethyl-ethylene carbonate (MEC) at
different temperatures[106]. They reported a Raman band corresponding to ion contact
pair interactions even for their measurements with the lowest concentration (0.26 mol/L).
The intensity of the band increased with concentration. Tasaki et al. calculated the
solvation of lithium in a 1 M electrolyte with propylene carbonate (PC) and reported
a partial solvation number for Li+ by PF−6 ions of 0.35, which can be interpreted as
a measure for the contact ion pair concentration[93]. Salomon and Plichta measured
the conductivity of various Li-electrolytes and derived the activity of the ions and the
thermodynamic association constant using the Fuoss-Hsia equation[95]. For LiClO4 in
PC they found an association constant Ka of 1.3 L/mol which corresponded to about
31% ion pairs at 1 M.
In this chapter, it is difficult to predict the extent of solvation of ion contact pairs. Since
they possess only a dipole moment but no net charge, the extent of solvation might initially
be expected to be reduced compared to the single ions. Therefore, lithium deposition from
ion pairs should liberate less solvent molecules than deposition from isolated solvated Li+
ions. The formation of a free anion upon lithium deposition can be neglected in this
context because it is generally very weakly solvated[109]. Since the fraction of contact ion
pairs should decrease upon dilution, their effect on the Peltier coefficient should oppose the
influence of dilution entropy, as discussed above. Therefore, the differences between the
Peltier coefficients for the different concentrations should be decreased by the formation
of ion pairs. According to our results, however, we see no such effect within our error
margins. This suggests that the solvation entropy of ion pairs is similar to the solvation
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entropy of free lithium ions. Indeed, on the molecular level only one side of the Li+ ion is
shielded by its counterion. On the unshielded side, the neighboring solvent molecules of
Li+ ion will be strongly polarized. This assumption is supported by DFT-calculations of
Tasaki et al., who found that there was almost no variance of energy for the desolvation
of lithium in ion pairs compared to solvated lithium ions at 1 M concentration[93].
5.3.2. Transport heat
According to Equation (2.16) in subsection 2.1.2, M. Schmid calculated the transport
heat for lithium deposition with lithium as RE and CE, Ni as WE and LiPF6 (1 M) as the
electrolyte. The calculated transport heat Q∗ was about −0.6 kJ/mol [23]. We assume
that the variance of concentration (between 0.01 M and 1 M) of the electrolyte doesn’t
change the transport heat significantly. Therefore, the transport heat can be neglected
for the above discussion.
5.4. Conclusion
Using microcalorimetry, the Peltier coefficient for electrochemical Li bulk deposition
on Ni or tungsten working electrodes from electrolytes of LiPF6 in DMC/EC with
different Li+ concentrations was determined. The entropy of transport can be neg-
lected in such electrolyte solutions because of the small contribution of entropy of trans-
port. Therefore, the Peltier coefficient for the Li deposition directly reflects the entropy
change upon the electrochemical Li deposition reaction. The Peltier coefficient decre-
ased by (5.0± 1.5) kJ/mol by reducing the Li+ concentration from 1 to 0.1 M and by
(10± 2) kJ/mol from 1 M to 0.01 M. If we assumed that the electrolytes were ideal so-
lutions, we obtained a decrease of the Peltier coefficient by 5.7 kJ/mol upon dilution of
the electrolyte concentration by a factor of 10. Therefore the measured variations of the
Peltier coefficient can be well interpreted by the dilution entropy of the solvated Li+ ion.
Normally, the change of the inner shell coordination number of Li+, or the formation
of ion pairs should reduce the variances of the Peltier coefficient among the investigated
concentrations range. Therefore, we neither found significant changes of the activity
coefficient nor of the inner shell coordination number of the Li+ ions. Furthermore,
although there was report of the formation of ion contact pairs for electrolytes similar to
the one used in this study, we didn’t find evidence of the contribution of ion pairs to the
reaction entropy of lithium deposition. This indicates that ion contact pairs are similarly
solvated as lithium ions at Li+ concentrations between 1 M and 0.01 M.
In addition to experiment of Li deposition on Ni WE, we also used Au as WE. However,
the alloying of Li and Au distorts the microcalorimetric measurements. Even though
the values of the normalized heat were small for all measurements with Au as WE, the
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relative relation among the measurements are clear. The normalized heat was larger for
the electrolyte (LiPF6 in EC/DMC) with higher concentration (1M > 0.1M > 0.01M).
When the electrolyte was diluted by a factor of 10, the normalized heat decreased by about
5 kJ/mol; for a dilution factor of 100, the normalized heat decreased about 10 kJ/mol.
Nowadays, there were investigations of superconcentrated Li+ based electrolytes with
Li+ concentrations exceeding 2 M for applications, e.g., in high rate of charging of Li ion
batteries[110]. At high concentrations of Li+, the Li+ ions are interpenetrating the inner
solvation shell and the electrochemical properties of the electrolyte deviate significantly
from that of the ideal solution[111]. It is expected in our system, for Li+ concentrations
beyond 1 M, that the effects of the changes of the inner coordination shell and the forma-
tion of ion pairs on the Peltier coefficient may roughly overcompensate the variations due
to the dilution of the electrolyte. Therefore, the Peltier coefficient may eventually reverse
its sign for superconcentrated Li electrolytes.
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Graphite, as a typical layered material, is widely used as anode active material in com-
mercial Li-ion batteries due to its light weight and low voltage. The light weight leads
to a high gravimetric capacity of graphite (theoretical capacity: 372 mA h/g [112]). And
a lower voltage is beneficial for graphite as anode materials to provide a wider potential
window for full cells. Li was used as anode electrode (standard electrode potential of
Li: −3.04 V), because Li has a lower voltage than most of the metals. (Only strontium,
calcium and praseodymium have a more negative potential than lithium. But they are
less competitive because of their larger density.) However, lithium metal is flammable
which leads to serious safety problems. Since the potential of the intercalated graphite is
close to that of lithium (electrode potential of graphite versus Li/Li+: 0.1 V [113]), grap-
hite is an ideal alternative to Li metal as anode electrode. In addition, graphite is stable
under ambient conditions and provides a good compromise between cycling behavior and
specific capacity[114]. By combining graphite with a lithium containing cathode, lithium
can “rock” from one side to the other during charging and discharging (i.e. “rocking-chair”
mechanism)[115]. With this model, the intercalation and deintercalation of lithium is well
described.
At the beginning of the intercalation, the lithium ions intercalate alternatingly into grap-
hite layers and leave several unoccupied layers between two layers of intercalant instead
of occupying all the available interlayers[116]. As shown in Figure 6.1, this character
appears periodically for graphite anodes and is known as stage phenomenon. Stage-n
means a sequence of n unoccupied layers and an intercalated layer, which forms a specific
phase and repeats until the phase boundary. Normally, the formula of the staged phases
is denoted as LixC6, where x is the state of charge. For example, x = 0.5 corresponds to
the composition of a half insertion (stage-2)[117]. According to literature, various stages
appear during lithium insertion[118–120]. Studies demonstrated that the sequence of the
stages for charging was of the following form[115, 121]:
Graphite→ dilute1→ stage4→ stage3(→ stage2L)→ stage2→ stage1
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Figure 6.1. – Schemes of a lateral view of four phases (stages) of the Li-graphite interca-
lation compound.
Here, dilute 1 denotes a phase in which lithium ions are intercalated randomly within
the graphite and stage 2L denotes a liquid-like stage 2 phase which has no in-plane
ordering[122].
Many methods were used to study the mechanism for the phase transitions (the change
of the stages). Safran explained the stage phenomenon with the competition between the
in-plane attractive force and the inter-layer repulsive force of the intercalated lithium[123].
Electrochemical insertion of lithium ions into the hosts in graphite might proceed through
the formation of a solid solution or by first-order phase transitions, during which nuclea-
tion processes could be observed[124, 125].
With chronoamperometric measurements and modeling of nucleation and growth, Levi
M.D. et al. studied quantitatively the transition from stage 2 to stage 1 during electro-
chemical insertion of Li ions into graphite[124]. Aurbach obtained a cyclic voltammogram
with a scan rate of 4 µV/s to demonstrate the relation of potential and current for the
phase transition during charging and discharging of lithium ions with graphite[126]. In
addition to the current and the potential information of the cell, thermodynamic studies
are also necessary to understand the mechanism of the cell and improve the cell per-
formance. From the perspective of engineering, thermal management is also one of the
challenges in aggressive environments for energy storage devices[21]. For fundamental
studies, crucial conditions, such as in situ and non-destructive measurement techniques,
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are prerequisite[22]. Combined with thermodynamic experimental methods which pro-
vide empirical parameters for the simulation, the mechanism of the cell reaction could be
understood more clearly.
Nowadays, the experimental methods for investigating the thermodynamic of the inser-
tion of lithium into graphite are limited. Differential thermal analysis (DTA) was perfor-
med to determine the formation enthalpies of LiC6 and LiC12[127]. The entropy change
and enthalpy of lithium intercalation could also be obtained by measuring the temperature
dependence of the open-circuit potential of lithium half-cells[20–22]. Filhol[128] showed
that it’s not accurate to relate the open circuit voltage (OCV) with the small free ent-
halpy variations in Li-graphite batteries, considering the relation between OCV and free
enthalpy (See Equation (2.7)). Without changing the temperature of the cell, the poten-
tiostatic intermittent titration technique (PITT) and galvanostatic intermittent titration
technique (GITT), which applied potential and current pulses respectively during char-
ging and discharging, were powerful tools to study the processes of phase transitions[129].
However, a GITT or PITT measurement could last for weeks, since much time during the
entropy measurement was wasted during potential relaxation after the cell was turned to
open cell potential mode. An alternative method without sacrificing the accuracy is to
measure the temperature response to a charging pulse even though the potential don’t
return to the equilibrium[22]. In addition, the measurement of the Peltier coefficient and
entropy for half cell should be reversible, which means the amount of reaction should be
small.
Various simulation methods were performed to interpret the mechanism for charging
and discharging. The density-functional theory (DFT) or ab initio studies were applied
to interpret the potential profile very well when the Van der Waals force between the
graphene planes was considered[130, 131]. By including the entropy term and the inter-
calation pressure, the simulation of the potential steps agreed well with the experimental
results[132]. The phase change during the charging and discharging were interpreted
by means of a lattice-gas model using the mean-field approximation and Monte Carlo
simulations[47, 115, 123]. With the improvement of the calculation ability and the opti-
mization of the software, simulations with multiscale physical models could be performed
from a few atoms to the device level which can predict the behavior of the materials
and their time evolution[133–135]. These models and the simulation methods may be
improved when experimental results are used as input.
In this chapter, electrochemical microcalorimetry, which can induce a very small extent
of reaction by applying 10 ms long current pulses, was used to obtain the temperature
transients during the charging and discharging processes of Li-graphite half cells (lithium
as RE and CE, graphite as WE). The Peltier coefficient and the entropy of the electrode
reactions can be obtained. The lattice-gas model was used to calculate the reaction
entropy of lithium intercalation in the graphite electrodes.
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6.1. Experiment
6.1.1. Chemicals, materials and cell
The lithium hexafluorophosphate (LiPF6) in ethylene carbonate (EC) and dimethyl
carbonate (DMC) (EC : DMC = 1 : 1) was purchased from BASF (battery grade). We
used lithium wire (the diameter: φ = 0.2 mm) as reference electrode (RE) and counter
electrode (CE). The working electrode (WE) was a thin layer of graphite, coated on a
copper foil, which was provided by Michael Hess from Prof. Petr Novák’s group at the
Paul Scherrer Institute (Villigen, Switzerland).
The graphite used in this experiment was polycrystalline graphite of SFG6 type (TIM-
CAL). It had a large surface area of about 17.1 m2/g (BET-isotherm). The graphite
electrode was prepared by mixing graphite, polyvinylidene fluoride (PVDF) as binder
(Kynar Flex) and super-P carbon (TIMCAL) as conductive filling materials in the ratio
of 87:10:3 (weight percent). N-Methylpyrrolidine was used as solvent for PVDF. The
mixture was stirred until a homogeneous slurry was formed. The slurry was coated on a
25 µm thick copper foil using a simple doctor blades method. An about 9 µm thick grap-
hite layer was formed. It was dried under 80 ◦C. More information about the preparation
precess could be found in the Reference [136].
The graphite electrode was cut in round shape with a diameter of 9 mm. The graphite
layer on the margin of the WE was removed using a well designed setup provided by
the mechanical workshop in the institute of physical chemistry of the KIT. The setup
has a supporter to hold the WE, on top of which the WE was fixed by pressing the WE
with a ring, so that the middle part of the WE was intact. Then the WE was rotated
and the graphite on the edge was removed with a knife, following by polishing with sand
paper along the vertical (to the radial) direction. After the graphite electrode was dried
at 120 ◦C for 24 hours under vacuum, the graphite electrode was transferred into glove-
box. More detail information about the preparation and characterization of the graphite
electrode could be found in Reference [136].
To avoid the leakage of electrolyte, an O-ring (from C. Otto Gehrckens GmbH & Co. KG;
inner diameter: 5 mm; cord thickness: 1 mm) was used, which also plays an important
role to keep the sensor and WE closely contact when the air between the cell and its
supporter was evacuated. This O-ring was put inside a copper ring, which was used as
conductor between the WE and the current collector (made of copper). The copper ring
couldn’t be put on the working electrode directly, because the mechanical strength of the
copper foil and the sensor was not sufficient to distribute the stress due to the pressing
of the copper O-ring, leading to a damage of the sensor. Therefore, we used a sapphire
sheet (from Kyburz Sapphire, thickness: 50 µm) between the sensor and the WE.
58
6. Phase transition during lithium intercalation in graphite electrodes
The cell was made of PCTFE (polychlorotrifluoroethylene) (KEL-F). It is stable with the
LiPF6 solution and doesn’t react with the lithium. In addition, the cell could withstand
a mixture of H2SO4 and H2O2 (with a ratio of 1:1) for washing. Because the cycling
and charging/discharging of the electrochemical cell is time-consuming, it usually costs
days to finish one experiment. Therefore, we need to consider the consumption or the
evaporation of the electrolyte in our system. The vapor pressure for the solvent of the
LiPF6 solution is about 9.8 × 103 mmHg for EC and 55.36 mmHg for DMC at room
temperature. The high vapor pressure for EC minimizes its evaporation, while the DMC
is easier to evaporate compared with EC. To minimize the evaporation of the solvent, we
covered the cell with a lid. But the cell was not completely sealed, because the RE and
CE went through the lid. However, the evaporation of the electrolyte could be neglected,
as we determined from the filling level of the cell at the end of the measurement. Even
though gas may be produced due to the decomposition of the electrolyte, the gas could
still be neglected because of its small extent.
6.1.2. Cycling and microcalorimetric measurements
All the experiments in this part were conducted in the glove-box. The cycling was
performed with a current of ±0.04 mA between 0.05 V and 1.5 V. Nine cycles were
performed and it took about 3 h for each cycle.
In the microcalorimetric experiment, the cell was charged (or discharged) to a certain
potential, followed by switching the cell to OCP mode through electrically interrupting
the outer cell circuit and staying at OCP mode for 10 seconds. Then, 10 or 20 current
pulses using negative and positive overpotential were applied with different amplitudes
for each measurement of pulses. After the pulses, the setup was kept at OCP mode for 5
seconds before switching to cell mode. It usually took less than one minute for each series
of pulses in this measurement. According to the methods to treat the pulses, as described
in chapter 3, the Peltier coefficient was obtained after calibration and fitting. In this
experiment, there was no need to change the configuration of the cell. The electrochemical
measurement was controlled and recorded by a procedure based on Igor Pro software
(WaveMetrics) while the cell was in the glove box (O2 < 4 ppm; H2O < 0.5 ppm).
6.2. Results
6.2.1. Results of cycling
To investigate stability and lifetime of the graphite electrode (i.e. cyclability), cycling
of the electrochemical cell was performed. The cycling included two parts: charging
and discharging. Figure 6.2 shows the cycling for the graphite half cell with graphite as
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Figure 6.2. – The cycling of graphite half cell with Li as reference and counter electrode,
1 M LiPF6 solution (in EC and DMC, 1:1) as electrolyte. The current was
±40 µA.
working electrode, Li as reference and counter electrode and 1 M LiPF6 solution (in EC
and DMC, 1:1) as electrolyte. The system was kept at OCP for 10 minutes after each
charging and discharging. Then, constant current mode was applied for both charging
(−40 µA) and discharging (40 µA). The first cycle started from 3.4 V and the graphite
working electrode was charged to about 0.2 V. In the ninth cycle, the plating on the WE
occurred when the cell was charged below 0 V. From the second cycle to the eighth cycle,
the cell was cycled between 0.05 V and 1.5 V. Nine cycles, in total, were obtained in this
measurement, while during the first cycle the cell wasn’t deeply charged and the ninth
cycle exhibited the plating of lithium. Therefore, only seven cycles were evaluated (from
the second cycle to the eighth cycle).
The corresponding current curve of Figure 6.2 for the cycling of the Li-graphite half cell
is shown in Figure 6.3. The spikes in the curve were due to the artifacts (signal noise)
from the potentiostat. For the first five cycles, the duration of each cycle was about 3 h.
From the sixth cycle, the duration of the cycles decreased quickly, which indicated the
degradation of the cell. Some error due to the potentiostat was found for the current.
For example, in the second discharging process, the current didn’t reach the programmed
value of 40 µA, but increased firstly to ca. 30 µA instead and then to 40 µA. The curves
for the increase were not uniform.
Figure 6.4 shows the potential curve for the second charging of the graphite working
electrode in Figure 6.2. The cell was charged from 1.5 V to 0.05 V. At the beginning,
the potential of the cell decreased very quickly to ca. 0.6 V. The quick decrease of the
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Figure 6.3. – The current curve for the cycling of the graphite half cell with Li as reference
and counter electrode, 1 M LiPF6 solution (in EC and DMC) as electrolyte.
Figure 6.4. – The potential curve for the second charging of a graphite working electrode
with Li as reference and counter electrode, 1 M LiPF6 solution (in EC and
DMC) as electrolyte. The current for charging was −40 µA.
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Figure 6.5. – The potential curve for the second discharging of a graphite working elec-
trode with Li as reference and counter electrode, 1 M LiPF6 solution (in EC
and DMC) as electrolyte. The current for discharging was 40 µA.
potential indicated a reaction. It was reported that SEI layers started to form around
a potential of 0.8 V [137]. Since the SEI layers were formed in the first cycle, the rush
decrease of the potential may result from the reconstruction of SEI layers. From 0.2 V on,
the potential decreased slowly to the bottom potential limit we programmed. Some steps
can be observed, indicating the formation of some staged phases. The second charging
lasted 1.95 h.
The second discharging of the cycling in Figure 6.2 is shown in Figure 6.5. Compared
with the second charging in Figure 6.4, the steps of the discharging potential profile were
weaker. The second discharging lasted for 1.15 h, which demonstrated that the charging
process had more charge than the discharging process. This was probably due to the
reconstruction of SEI layers.
Since the composition of the intercalant correlates with the capacity for charging and
discharging, the differential capacity, ∂q/∂V , shows peaks at the composition where phase
transitions occur between coexisting phases[121]. To calculate the differential capacity,
current and potential curves were processed with box smoothing using the average value
of 1000 corresponding data points to remove the artifacts due to the potentiostat (such
as the spikes in Figure 6.3), followed by integrating the smoothed current with time to
acquire the charge and calculating the numerical derivative of charge with potential.
The differential capacity for the second charging is shown in Figure 6.6. The determi-
nation of the peaks was based on the work of Heß[136] and Dahn[118, 121]. The peaks A,
C, D and E corresponded to the phase coexistence (or phase transition) of dilute 1-stage
62
6. Phase transition during lithium intercalation in graphite electrodes
Figure 6.6. – Differential capacity vs. cell potential curves of the second charging of
graphite WE. The determination of the peaks was based on the work of
Heß[136] and Dahn[118, 121].
Figure 6.7. – Differential capacity vs. cell potential curves of the second charging of
graphite WE.
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Figure 6.8. – Differential capacity vs. cell potential curves of the second discharging of
graphite WE. The determination of the peaks was based on the work of
Heß[136] and Dahn[118, 121].
Figure 6.9. – Differential capacity vs. cell potential curves of the second discharging of
graphite WE (red). Potential profile shows the potential change with time
during the second discharging.
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Figure 6.10. – Differential capacity vs. cell potential curves of the charging in different
cycles based on Figure 6.2.
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Figure 6.11. – Differential capacity vs. cell potential curves of the discharging in different
cycles based on Figure 6.2.
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4, stage 3-stage 2L, stage 2L-stage 2 and stage 2-stage 1, respectively. Peak B can be
observed with a higher resolution, as shown in Figure 6.7. It may result from the phase
transition of stage 4 and stage 3. When the corresponding potential positions of the peaks
were compared with the potential profile, the peaks in the curve of differential capacity
agreed with the steps in the potential profile.
Figure 6.8 and Figure 6.9 shows the differential capacity for the second discharging. Five
peaks were observed, for which the potential positions were more positive than that for
charging. Differential capacities of several charging and discharging cycles are shown in
Figure 6.10 and Figure 6.11, respectively. The figure demonstrated good reproducibility
when the third cycle (including charging and discharging process) was compared with
the second cycle. When the graphite electrode was cycled to the seventh cycle, the peaks
became weak for charging and disappeared for discharging, with an exception that peak B
was still present. During the ninth cycle, no peaks due to phase transition were observed
when there was lithium plating.
6.2.2. Microcalorimetric measurements at fixed charging states of
the graphite WE
Figure 6.12. – A typical current pulse including transients of potential (top, blue), current
(middle, black) and temperature (bottom, red) was applied at about 0.25
V during charging using graphite as working electrode, Li as reference and
counter electrode and 1 M LiPF6 solution (in EC and DMC) as electrolyte.
When the graphite electrode was charged or discharged to a certain potential, the cell
was switched to OCP and microcalorimetric measurements were conducted by applying
current pulses with increasing amplitudes. In Figure 6.12, a typical pulse experiment is
shown, including transients of potential (top, blue), current (middle, black) and tempe-
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Figure 6.13. – Normalized heat of pulses at different potential during charging calibrated
with lithium deposition.
rature (bottom, red) applied at about 0.25 V during charging, using graphite as working
electrode, Li as reference and counter electrode and 1 M LiPF6 solution (in EC and DMC)
as electrolyte. The spikes at t = 10 ms of the potential and current transient were due to
artifacts from the potentiostat.
Figure 6.13 shows the normalized heat of pulses obtained at different cell potential during
charging. As can be seen, the normalized heat of graphite intercalation depends on the
open cell potential. As mentioned in section 3.3.1, the microcalorimetric measurements
of lithium intercalation were calibrated by lithium deposition. After the graphite was
fully charged, ca. 2800 mononlayers of lithium were deposited on graphite. Then pulses
were conducted on the lithium surface. The Peltier coefficient, used for calibration was
45 kJ/mol according to chapter 5.
According to Equation (2.19) in chapter 2, the slope of the regression curves in Figure
6.13 can be compared with the Faraday constant. The slope for lithium deposition was
110% of the Faraday constant. However, the slope for lithium intercalation was about 8
times the Faraday constant. The deviation of the slope from Faraday constant may result
from charging of the double layer capacitance[52]. In addition, errors from calibration
also affect the value of the measured Faraday constant.
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Figure 6.14. – The potential curve for the first charging of a graphite working electrode
with graphite as working electrode, Li as reference and counter electrode, 1
M LiPF6 solution (in EC and DMC) as electrolyte (a set of current pulses
were applied in between). The current for charging was −40 µA.
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6.2.3. Microcalorimetric measurements of a graphite electrode
during charging and discharging
In this chapter, the microcalorimetric measurements were conducted by applying cur-
rent pulses during charging and discharging. Different from the experiments in chapter 4
and chapter 5, where potential pulses were applied due to the good control of the cell
potential, current pulses were applied here since the current was controlled during char-
ging/discharging while the potential of the cell still relaxed when the cell was switched to
OCP.
Before applying current pulses, the open cell potential was about 3.5 V. The cell was
charged with a small current to 1.5 V and then charged and discharged automatically,
controlled by a procedure based on Igor Pro. The procedure was developed by our group,
which allowed us to integrate the microcalorimetric measurement into the galvanostatic
measurement of charging and discharging. To record galvanostatic data and microcalo-
rimetric data from charging/discharging simultaneously, two National Instruments Cards
were used.
Figure 6.14 shows the potential curve for the first charging of the graphite working
electrode with a constant current of 40 µA, during which a set of current pulses were
applied. Pulses were applied after the graphite was charged to a certain potential and the
cell was switched to OCP by the programmed procedure, as can be seen from the spike at
the potential curve in Figure 6.14. When the cell was switched to OCP, the potential of
the cell relaxed to its equilibrium potential leading to a spike at the potential curve. The
spike at about 0.7 V was due to the relaxation of the potential. An enlarged version of
spikes were also shown in Figure 6.14. However, the relaxation had no influence on pulses,
as can be seen from the pulse at 0.7 V. The overall change of the potential was similar to
that for the cycling, as shown in Figure 6.2. This indicated that the short interruption of
the charging and the pulses didn’t influence the charging processes.
To further examine the potential change during the pulses, a potential curve during char-
ging at about 0.18 V was enlarged, as shown in Figure 6.15. When the cell was switched
to OCP, the potential relaxed by about 0.008 V. The increase of the potential was not
significant compared with that of the pulses at 0.7 V, which indicated the intercalation
of the graphite. In this measurement, 10 pulses with positive overpotential were applied
firstly, followed by applying 10 pulses with negative overpotential. During the pulses, the
potential of the cell only relaxed about 0.003 V. After the pulses, the cell was continued
to charge until the time limit or the potential limit, where the next series of pulses would
be applied.
The current curve for the first charging, interrupted by microcalorimetric measurements
with pulses, is shown in Figure 6.16. According to this figure, a current of −40 µA was
well controlled during charging. Before the pulses, the current returned to zero when
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Figure 6.15. – The enlarged potential curve at 0.18 V for the first charging of a graphite
working electrode with Li as reference and counter electrode, 1 M LiPF6
solution (in EC and DMC) as electrolyte (the part when a current pulses
were applied in between).
Figure 6.16. – The current curve for the first charging of a graphite working electrode
with Li as reference and counter electrode, 1 M LiPF6 solution (in EC and
DMC) as electrolyte (a set of current pulses were applied in between).
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Figure 6.17. – The potential curve for the first discharging of a graphite working electrode
with Li as reference and counter electrode, 1 M LiPF6 solution (in EC and
DMC) as electrolyte (a set of current pulses were applied in between).
the cell was switched to OCP, controlled by the procedure. When the current pulses for
microcalorimetry were applied, the maximum change of current was about 8 µA. After
the pulses, the current went back to −40 µA.
Figure 6.17 shows the potential curve with microcalorimetric measurements for the first
discharging of a graphite working electrode with lithium as CE, RE and LiPF6 solution
(in EC and DMC) as electrolyte. When the cell was switched to OCP for conducting
microcalorimetric measurements, the potential decreased by about 0.005 V, as shown in
Figure 6.18. This decrease of the potential was comparatively small, which indicated that
the deintercalation of the graphite was not completed yet.
The potential dependence of the Peltier coefficient for charging is shown in Figure 6.19.
When the potential decreased from 0.23 V to 0.1 V, the normalized heat decreased by
about 25 kJ/mol. The change of the Peltier coefficient with the potential was approx-
imately linear, which agreed with that from M. Schmid[23]. An exception was that an
inconspicuous slope change was observed between 0.13 V and 0.17 V. From 0.22 V to
0.35 V, a plateau appeared. An extended figure (between 0.1 V and 0.6 V) of the poten-
tial dependence of the Peltier coefficient is shown in Figure 6.20. A significant plateau
(or a slope) can be observed. The Peltier coefficient decreased by about 35 kJ/mol while
the potential decreased from 0.55 V to 0.1 V.
The difference of normalized heat and the corresponding Peltier coefficient between
charging (red) and discharging (blue) was explored, as shown in Figure 6.21. The points
symbolized the overpotential dependence of the normalized heat and the circles and squa-
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Figure 6.18. – The enlarged potential curve for the first discharging of a graphite working
electrode with Li as reference and counter electrode, 1 M LiPF6 solution (in
EC and DMC) as electrolyte (the part when a current pulses were applied
in between).
Figure 6.19. – The change of the Peltier coefficient for the charging of graphite versus
potential (between 0.1 V and 0.35 V) with graphite as working electrode,
Li as reference and counter electrode, 1 M LiPF6 solution (in EC and
DMC) as electrolyte. The current for charging was −40 mA.
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Figure 6.20. – The change of the Peltier coefficient for the charging of graphite versus
potential (between 0.1 V and 0.6 V) with graphite as working electrode, Li
as reference and counter electrode, 1 M LiPF6 solution (in EC and DMC)
as electrolyte.
Figure 6.21. – Calibrated heat of the applied pulses during the first charging and dischar-
ging of graphite versus potential with graphite as working electrode, Li as
reference and counter electrode, 1 M LiPF6 solution (in EC and DMC) as
electrolyte.
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Figure 6.22. – The change of the Peltier coefficient with potential for two charging and
one discharging processes of graphite with graphite as working electrode, Li
as reference and counter electrode, 1 M LiPF6 solution (in EC and DMC)
as electrolyte.
res were the Peltier coefficient obtained by extrapolating the overpotential of the pulses
to zero. The Peltier coefficients for the pulses during charging and discharging overlapped
from 0.14 V to 0.18 V. The difference was that the change of slope started at different
potential. For discharging, the slope changed at about 0.14 V and 0.23 V, i.e., the plateau
was between 0.14 V and 0.23 V. But for charging, as shown in Figure 6.19, the potentials
where the slope started to change were 0.13 V and 0.20 V.
To testify the reproducibility, the potential dependence of the Peltier coefficient for two
charging and one discharging processes of graphite are shown in Figure 6.22. The extent
of the Peltier coefficient change was about 25 kJ/mol between 0.08 V and 0.25 V for both
charging and discharging, which agreed with that in Figure 6.19. It demonstrated good
reproducibility for the first and the second charging. Both the first charging and the second
charging had a plateau between 0.13 V and 0.20 V. In the second cycle, the charging was
conducted till 0.08 V, where a peak of the the Peltier coefficient Π was observed at about
0.09 V. Figure 6.23 exhibited the potential dependence of the Peltier coefficient for two
charging and one discharging processes of graphite in the long potential range (between
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Figure 6.23. – The change of the Peltier coefficient for two charging and one discharging
processes of graphite in the long potential range using graphite as working
electrode, Li as reference and counter electrode, 1 M LiPF6 solution (in
EC and DMC) as electrolyte. The current was ±40 µA.
0.08 V and 0.55 V). The Peltier coefficient was almost constant between 0.25 V and
0.55 V. From 0.25 V to 0.08 V, the Peltier coefficient decreased about 30 kJ/mol.
More information about the change of the Peltier coefficient could be obtained between
0.08 V and 0.15 V, if more data points were applied in this range. The enlarged version
for Figure 6.23 is shown in Figure 6.24. The peak at about 0.09 V also appeared in the
second charging with an amplitude of 5 kJ/mol. It demonstrated good reproducibility
for the first and the second charging. In the discharging process, it’s expected that there
was also a peak at about 0.1 V. The potential, where the slope of the Peltier coefficient
curve changed or the peaks appeared, agreed with the trends of the potential curves for
charging and discharging in Figure 6.14 and Figure 6.17.
With an improved procedure and setup, more current pulses were applied every 2 or 3
minutes during charging and discharging. Figure 6.25 shows the potential curve for the
first charging of the graphite working electrode with current pulses (using a current of
−50 µA). The spike at about 0.7 V was mainly due to the relaxation of potential when
the cell was switched to OCP for about 200 s. The corresponding potential dependence
of the Peltier coefficients for the pulses is shown in Figure 6.26. It demonstrated a good
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Figure 6.24. – The change of the Peltier coefficient with potential for two charging and
one discharging processes of graphite in the short potential range using
graphite as working electrode, Li as reference and counter electrode, 1 M
LiPF6 solution (in EC and DMC) as electrolyte. The current was ±40 µA.
Figure 6.25. – The potential curve for the first charging of a graphite working electrode
with current pulses applied in every 2 or 3 minutes.
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Figure 6.26. – The change of the Peltier coefficient with potential for two charging and
one discharging processes of graphite with current pulses applied in every
2 or 3 minutes (Li as reference and counter electrode, 1 M LiPF6 solution
in EC and DMC as electrolyte).
reversibility between the first charging and discharging at potential above 0.12 V. There
was significant deviation for the second charging between 0.08 V and 0.13 V, which re-
sulted from the aging effect of the graphite working electrode and the exfoliation of the
graphite from the copper foil, as found after dismantling the cell.
6.2.4. The decomposition of the electrolyte and formation of the
SEI layers
It was reported that the decomposition of electrolyte and the formation of a solid electro-
lyte interphase layer (SEI layer) occurred around 0.8 V [137]. To show the change of the
Peltier coefficient during the formation of SEI, we performed microcalorimetric measure-
ments for charging and discharging between between 0.05 V and 2.75 V under a current of
−40 µA for charging and 40 µA for discharging, respectively, as shown in Figure 6.27. The
points symbolize the normalized heat of the pulses, while the filled circles, triangles and
squares denote the corresponding Peltier coefficient for each set of the pulses. The Peltier
coefficient for the pulses applied during the first charging between 1.75 V and 2.75 V was
almost constant with a value of 10 kJ/mol. A typical pulse including transients of poten-
tial (top, blue), current (middle, black) and temperature (bottom, red) applied at about
2.7 V is shown in Figure 6.28. For this current pulse, a current difference of −70 µA was
applied leading to an overpotential of −8 mV and a heat flow of -0.015 in arbitrary units.
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Figure 6.27. – The change of the Peltier coefficient with potential for two charging and
one discharging processes of graphite with current pulses applied in every
2 or 3 minutes (Li as reference and counter electrode, 1 M LiPF6 solution
in EC and DMC as electrolyte).
Figure 6.28. – A typical current pulse including transients of potential (top, blue), current
(middle, black) and temperature (bottom, red) was applied at about 2.7
V during charging using graphite as working electrode, Li as reference and
counter electrode and 1 M LiPF6 solution (in EC and DMC) as electrolyte.
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Figure 6.29. – A typical current pulse including transients of potential (top, blue), current
(middle, black) and temperature (bottom, red) was applied at about 0.9
V during charging using graphite as working electrode, Li as reference and
counter electrode and 1 M LiPF6 solution (in EC and DMC) as electrolyte.
Figure 6.30. – A typical current pulse including transients of potential (top, blue), current
(middle, black) and temperature (bottom, red) was applied at about 0.8
V during charging using graphite as working electrode, Li as reference and
counter electrode and 1 M LiPF6 solution (in EC and DMC) as electrolyte.
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Only small delayed heat evolution was found, as shown from the temperature transient
in Figure 6.28.
As the potential decreased, the Peltier coefficient started to decrease and reached its
minimum (0 kJ/mol) at about 0.9 V. A typical pulse including transients of potential
(top, blue), current (middle, black) and temperature (bottom, red) applied at about
0.9 V, is shown in Figure 6.29. For this current pulse, a current difference of −40 µA was
applied leading to an overpotential of about −8 mV and a heat flow of -0.020 in arbitrary
units. Compared with the current pulse at 2.75 V, the current transient possessed smaller
current. The temperature transient in Figure 6.29 reached its minimum at about t =
60 ms and showed significant delayed heat evolution when the overpotential was stopped
at t = 20 ms.
As the charging went on, the Peltier coefficient started to increase until a potential of
0.75 V, where the Peltier coefficient reached the maximum. Figure 6.30 shows a typical
pulse including transients of potential (top, blue), current (middle, black) and temperature
(bottom, red) applied at about 0.8 V during charging. For this current pulse, a current
difference of −100 µA was applied leading to an overpotential about −10 mV and a heat
flow of -0.1 in arbitrary units. With a similar amplitude of the overpotential, the amplitude
of the current transient at 0.8 V was −100 µA and the delayed heat evolution, as shown
from the temperature transient, was smaller.
6.3. Discussion
6.3.1. Potential dependence of reaction entropy
Measurements of molar entropy change ∆RS, based on the temperature response of
the open circuit potention E, show that the contribution of enthalpy can be neglected.
Therefore, the reaction entropy changed linearly with the zero-current cell potential ac-
cording to Equation (2.12). As mentioned in chapter 2, the entropy consists two parts:
the reaction entropy and the transport entropy. However, the transport entropy can be
neglected according to the discussion in subsection 5.3.2. Therefore, the reaction entropy
can be calculated according to the Peltier coefficient. Figure 6.24 shows the change of
the Peltier coefficient with potential for two charging and two discharging processes of
graphite in the short potential range. The red circles and the black triangles denote the
change of the Peltier coefficient with potential for the charging process of the first and
the second cycles, respectively. The blue squares and the pink triangles symbolize the
change of the Peltier coefficient with potential for the discharging process of the first and
the second cycles, respectively. In the range of OF in Figure 6.24, the Peltier coefficient
decreased on the average about linearly with the potential, ignoring the variations due
to the phase transitions between the intercalation stages. The slope of the curve of the
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Figure 6.31. – The potential dependence of differential capacity and the Peltier coefficient
during charging. The data of the differential capacity during charging is
from Figure 6.6. The data of the Peltier coefficient during charging is
shown in Figure 6.26.
Table 6.1. – The Peltier coefficient of phase transition in graphite working electrodes,
obtained by microcalorimeter measurement using 1 M LiPF6 as the elec-
trolyte and lithium as RE and CE. The regions were denoted according to
Figure 6.24









AB 1’ to 4 -15 MN 4 to 1’ 15
CD 2L to 2 -5 GH 2 to 2L 10
EF 2 to 1 -5 FE 1 to 2 5
Peltier coefficient (Π = T ·∆∆RS) vs potential is about 118% of the Faraday constant. In
other measurement, 114% was found[23]. That is F ≈ T ·∆∆RS
∆E
. Since the charge number
of ion z = 1, the relation between the potential and the variation of reaction entropy
agrees with Equation (2.12) and the contribution of enthalpy change with potential is
small.
6.3.2. Entropy change during phase transition
The potential dependence of the Peltier coefficient for charging and discharging is com-
pared with the corresponding differential capacity ∂q/∂V , as shown in Figure 6.31 and
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Figure 6.32. – The potential dependence of differential capacity and the Peltier coefficient
during discharging. The data of the differential capacity during discharging
is from Figure 6.8. The data of the Peltier coefficient during discharging
is shown in Figure 6.26.
Figure 6.32. The steps in the plots of Peltier coefficient vs. potential and the peaks at
the differential capacity curve appear at almost the same potential. Steps corresponding
to some phase transitions in Figure 6.6 and Figure 6.8, such as the phase transition from
stage 3 to stage 2L, are not observed at the curve of the potential dependence of the Pel-
tier coefficient. According to section 2.1, at the step region, where the cell potential don’t
change significantly during charging and discharging, the change of the free enthalpy is
zero (∆∆RG = 0, see Equation (2.7)). Hence the variations of the Peltier coefficient Π
at the steps result from the phase transition of staged phases in the graphite electrodes,
which is also confirmed by the differential capacity curve, as can be seen in Figure 6.6
and Figure 6.8. The change of the Peltier coefficient (or molar heat) and corresponding
entropy change for phase transition are listed in Table 6.1. The negative sign means that
the Peltier coefficient decreases and vice versa.
6.3.3. Comparison with other studies of reaction entropy of
lithium intercalation
Several studies about the heat effect of lithium intercalation in graphite have been
published. They are summarized in Figure 6.33 to compare with the result from this
chapter.
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Figure 6.33. – The literature review of the reaction entropy of lithium intercalation in
graphite. The reaction entropy in this work was calculated according to the
Peltier coefficient of the first charging in Figure 6.22. The reaction entropy
from References [23, 54, 56, 138–140] were translated in J/(mol ·K) and
plotted versus state of charge of graphite electrode according to Reference
[23]. State of charge x describes the percent of occupation compared with
the available lithium hosts in graphite. Hence, x is between 0 and 1.
Using accelerating rate calorimeter, Hallaj et al.[138] studied a commercial button bat-
tery with lithium and mesocarbon microbeads (MCMB)-graphite as electrodes. The
reaction entropy varied from 43 J/(mol K) to −7 J/(mol K), when the state of charge
changed from 0.05 to 0.5. A sharp decrease at about x = 0.1 may result from the orde-
ring process of 4L phase. By conducting calorimetric measurements, Lu investigated an
Li/MCMB-graphite button cell[139]. Through measuring of the temperature dependence
of open cell voltage, they obtained a reaction entropy change between 27 J/(mol K) and
−9.6 J/(mol K) for lithium intercalation in graphite. The positive entropy at the begin-
ning leads to an ordering/disordering transition and a structure change of the stacked
graphite layers from AB to AA[139].
Lithium deposition in different types of graphites[20, 140, 141] were investigated by Rey-
nier et al. An entropy change of about 62 J/(mol K) between x = 0 (state of charge) and
x = 0.2 was obtained by measuring temperature dependence of open cell voltage. They
interpreted the decrease of entropy at the beginning of charging by considering the confi-
guration entropy. Then a negative reaction entropy from −4 J/(mol K) to −12 J/(mol K)
was observed. An sharp increase of entropy was found at about x = 0.5.
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With a method of isothermal Calvet Type Heat Flow Microcalorimeter, Kobayashi et
al. measured the heat effect of Li-ion batteries using a Li/graphite electrode (or graphite-
LiCoO2) during charging and discharging[56]. Both warming and cooling effect were
observed because of the different heat effect (endothermal and exothermal) for different
phase transition. Maeda studied the intercalation of Li+, K+ and BF−4 ions in graphite[57].
Their results showed a warming effect for lithium intercalation in graphite probably due
to a greater contribution from the irreversible heat. Since a high current of 17 mA/cm2
was used, the Joule heat may over compensate the reversible heat.
In comparison with the results from literature, our result is close to that from lite-
rature. There was a abrupt decrease of reaction entropy until x = 0.2. Similar trend
was found from the literature results. Around x = 0.5, the reaction entropy decreased
about 10 J/(mol K) and then increased slightly before deceasing again. When the state
of charge was high, the reaction entropy was close to the reaction entropy of lithium bulk
deposition.
6.3.4. Interpretation of the reaction entropy of lithium
intercalation in graphite based on lattice-gas model
The following discussion was based the work of Reynier et al. [20, 140] and Schmid[23].
Using a lattice-gas model, the contributions of configuration entropy and vibration entropy
to the reaction entropy were considered.
A study demonstrates that the change of vibrational entropy between two solid phases
contributes to the entropy of solid-solid phase transitions[142]. It depends on the Debye
temperature of the phonon spectra, which consists of two parts: θD⊥ and θD‖ for mo-
tion perpendicular (the first term in Equation (6.1)) and parallel to the graphite sheets.
Therefore, the vibrational entropy, which is responsible for the phase transition between
staged 2 and staged 1, can be denoted by the following equation with θD0 as the Debye
temperature for lithium metal (bcc)[140]:











For both LiC6 and LiC12, Reynier used θD‖ = 392 K and θD⊥ = 893 K according
to the calculations in the literature[140]. For lithium metal with a body-centered cubic
(bcc) structure, an experimental temperature of θD0 = 380 K was used. It is assumed
that the carbon phonon modes aren’t significantly affected by the intercalation of lithium.
Using these parameters, a vibration entropy of about −7.6 J/(mol K) for phase transition
between staged 2 and staged 1 is obtained. Through calculation, we know that the
first term of Equation (6.1) has a much larger contribution to the vibration entropy
in comparison with the second term. The negative sign of vibration entropy indicates
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Figure 6.34. – The Peltier coefficient of lithium intercalation in graphite from the second
charging in Figure 6.22 and the calculated Peltier coefficient according to
partial configuration entropy.
that the vibration entropy functions as a restriction to the movement of lithium atom
perpendicular to the lattice layers. The vibration entropy of electrons can be neglected[23].
In the lattice-gas model, the interlayers of the graphite sheets were treated as 2D lattices.
The lithium atoms between lattices are regarded as the lattice gas. Therefore, the entropy
of mixing, also called the configuration entropy in this case, is dependent of the state of
charge x:
Sconfig(x) = −kB[x · ln(x) + (1− x) · ln(1− x)] (6.2)
Instead of the calculation of absolute configuration entropy, the partial configuration
entropy was calculated in this work according to the following equation[47, 140]:
dSconfig
dx






The reaction entropy of lithium intercalation is close to that from the calculation based
on lattice-gas model, as can be seen in Figure 6.34. As shown in Figure 6.34, there
is a deviation between the measured and the calculated Peltier coefficient, where the
state of charge is small than 0.2 (x < 0.2) and close to 0.5 (x ≈ 0.5). As x is larger
than 0.5, the phase transition from staged phase 2 to 1 occurr[136]. Since the staged
phase 1 and 2 are highly ordered phases, the calculation of configuration entropy based
on a statistical distribution of atoms at a lattice is not applicable. The experimental
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Peltier coefficient decreases with the increase of state of charge, when x is larger than
0.5. Here, the state of charge x is calculated from the charge. In detail, the charge at the
potential where pulses are applied, are divided by the overall charge during charging. The
relation between the charge state x and corresponding potential agree with the results in
literature[136, 143, 144].
Reynier[140] argured that the lattice-gas model was feasible only when there was random
lithium intercalation in graphite electrode and no ordered phase started to formed. They










With a solubility limit of the disordered phase of x0 = 0.3, Reynier[140] found a good
agreement between that calculated and the experimental results. However, Equation (6.4)
isn’t a general form. In some circumstances, it may cause problem when Equation (6.4) is
used, such as the reduce of the available lattice for intercalation[23]. Therefore, we used
the general form (Equation (6.3)) for the calculation of the Peltier coefficient.
6.3.5. The change of the Peltier coefficient during the formation
of SEI layers
As mentioned, when a graphite electrode was charged, during the first charging cycle,
decomposition of the solvent of the electrolyte occurred and simultaneously SEI layers
formed before lithium intercalation. Reports showed that the decomposition of electrolyte
and the formation of solid electrolyte interphase layer (SEI layer) occurred around 0.8 V
[137]. Several possible reactions for the formation of SEI layers are listed[88]:
2EC + 2Li+ + 2 e− −→ (CH2OCO2Li)2 + C2H4
Li2O + EC −→ LiOCH2CH2OCO2Li
RO− + EC + Li+ −→ ROCH2CH2OCO2Li
RO− +ROCH2CH2OCO2Li+ −→ ROCH2CH2OR + CO2−3 + Li+
EC + 2 e− + Li+ −→ C2H4 + CO2−3 + Li+
(6.5)
Figure 6.27 demonstrates an increase of the Peltier coefficient for a graphite electrode
during the formation of SEI layers between 0.8 V to 0.3 V. A Peltier coefficient can
be measured only when reversible reactions are measured. Therefore, there should be
reversible reactions during the formation of SEI layers. In addition, Schmid argued that
there was cooling effect when a graphite was charged from 0.8 V to 0.3 V , which might
be due to reversible reactions, since irreversible reaction only caused warming effect[23].
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Future endeavors are the identification and mechanism studies of the reversible reactions
for the formation of the SEI layers.
6.4. Conclusion and outlook
In this chapter, the reaction entropy for lithium intercalation in graphite was determined
with the help of a microcalorimeter. By a combination of galvanostatic measurement and
microcalorimetric measurement, it’s possible to obtain the reaction entropy for lithium
intercalation at various open-circuit voltages, which corresponded to different state of
charge of graphite working electrode.
The Peltier coefficient (i.e. the molar heat) was obtained for both the charging and
discharging of Li-graphite half cell. The molar exchanged heat was found to change
linearly on the average with the open circuit voltage between 0.3 V to 0.07 V. The slope
for the curve of the molar heat vs. open circuit voltage was close to the Faraday constant.
When the contribution of enthalpy was neglected because of its small value, the relation
between the change of reaction entropy ∆∆RS and the change of open circuit voltage ∆E
was found to be ∆E ≈ T ·∆∆RS
F
.
Phase transitions of the co-existing staged phases in graphite working electrodes were
found during charging and discharging of graphite electrode, which agreed with the work
of Heß[136] and Dahn[118]. The reversible heat for the phase transitions were determined
by pulses measurement with microcalorimeter, which corresponded to the contribution of
reaction enthalpy during phase transitions (the free enthalpy ∆G = 0).
The change of reaction entropy was interpreted with lattice-gas model, where the grap-
hite layers were treated as lattice and lithium atoms as lattice gas. Within this model,
the reaction entropy for statistical intercalation of lithium was regarded as the molar
entropy of mixing. When the state of charge was between 20% and 50%, the change of
reaction entropy, obtained from experiment, was of the same order of magnitude with the
calculated results based on lattice-gas model. Since there was phase transition of ordered
phases between stage 2 and stage 1 when the stage of charge was between 50% and 100%,
lattice-gas model was not applicable in this range[23]. When the stage of charge of grap-
hite electrode was below 20%, the experimental results were larger than the calculated
results based on the lattice-gas model. This indicated that some side reaction, such as
the formation of SEI layers, might occurred during lithium intercalation. Since a good
reproducibility was found for the reaction entropy of the first and the second cycle, there
was still the formation of SEI layers after the first cycle and some reversible processed
might be involved in the formation of SEI layers.
During the formation of SEI layers, a cooling effect on the graphite electrode was found,
which also indicated some reversible reactions were involved, since an irreversible only
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cause warming effect of the electrode. To study the reversible processes during the for-
mation of SEI layers, more research is needed.
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7. Summary
In this work, we studied the concentration effects on the reaction entropy of electroche-
mical Al and Li deposition and the reaction entropy of phase transitions during lithium
intercalation/deintercalation in graphite. In addition to potentiostatic and galvanostatic
measurements, information of heat evolution and entropy change during electrode reaction
is also important for the understanding of the mechanism of energy storage devices.
The change of reaction entropy was measured with an electrochemical microcalorimeter
in a glove box. With this microcalorimeter, it was possible to conduct both potentio-
static/galvanostatic measurements and measurements of temperature change during an
electrode reaction with a conversion of submonolayer.
Firstly, aluminium deposition was conducted in AlCl3/1-Butyl-3-methylimidazolium
chloride (BMIMCl) ionic liquids with different ratio of AlCl3 to BMIMCl (from 1.1:1
to 1.7:1). The Peltier coefficient for aluminum deposition/dissolution process was about
10 kJ/mol (corresponding reaction entropy: 33 J/(mol K)) when the ratio of AlCl3 to
BMIMCl was 1.7:1. It demonstrated cooling effect for aluminium deposition and war-
ming effect for aluminium dissolution. As the ratio of AlCl3 to BMIMCl decreased, the
Peltier coefficient and corresponding reaction entropy for the aluminium deposition decre-
ased. The change of reaction entropy could be partly due to the dilution entropy. Other
contribution, such as the adsorption of ions on working electrode, might be involved.
Secondly, we studied the concentration effects on the reaction entropy of lithium de-
position using LiPF6 (EC : DMC = 1 : 1) with different concentration (0.01 M, 0.1 M
and 1 M) as electrolyte. As the concentration of the LiPF6 electrolyte decreased, the
corresponding Peltier coefficient and reaction entropy decreased accordingly. The decre-
ase of the Peltier coefficient for lithium deposition with the decrease of concentration of
LiPF6 mainly resulted from the entropy change of the solvated Li+ ion upon dilution.
The change of Peltier coefficient was about 5 kJ/mol when the dilution factor was 10 and
10 kJ/mol when the dilution factor was about 100. We neither expected strong changes of
the activity coefficient nor of the inner shell coordination number of the Li+ ions among
the investigated Li+ concentrations. Furthermore, although the formation of ion contact
pairs has been reported for electrolytes similar to the one used in this study, we find
no evidence of changes in the solvation entropy for lithium ions. This suggests that ion




With lithium deposition in 1 M LiPF6 (EC : DMC = 1 : 1) as a calibration reaction, we
studied the Peltier coefficient and reaction entropy of lithium intercalation/deintercalation
during the charging and discharging of lithium-graphite half cells. The reversible heat was
found to change linearly on the average (between 0.3 V to 0.07 V). The slope for the curve
of the reversible heat vs. open circuit voltage was close to the Faraday constant. When the
contribution of enthalpy was neglected because of its small value, the relation between
the change of reaction entropy ∆∆RS and the change of open circuit voltage ∆E was
found to be ∆E ≈ T ·∆∆RS
F
. Phase transitions of the co-existing staged phases in graphite
were found during charging and discharging of graphite electrode, which agreed with the
work of Heß[136] and Dahn[118]. The reversible heat and the reaction entropy for the
phase transitions were determined by pulse measurements with microcalorimeter, which
corresponded to the contribution of reaction enthalpy during phase transitions.
The change of reaction entropy was interpreted with a lattice-gas model, where the
graphite layers were treated as lattice and lithium atoms as the lattice gas. Within this
model, the reaction entropy for statistical intercalation of lithium was regarded as the
molar entropy of mixing. When the state of charge was between 20% and 50%, the change
of reaction entropy, obtained from experiment, was of the same order of magnitude as the
calculated results based on the lattice-gas model. Since there was a phase transition of
ordered phases between stage 2 and stage 1 when the stage of charge was between 50%
and 100%, the lattice-gas model was not applicable in this range[23]. When the stage
of charge of the graphite electrode was below 20%, the experimental entropy was larger
than the calculated results based on the lattice-gas model. This indicated that some
side reaction, such as the formation of SEI layers, might have occurred during lithium
intercalation. Since a good reproducibility was found for the reaction entropy of the first
and the second cycle, there was still the formation of SEI layers after the first cycle and
some reversible processes might be involved in the formation of SEI layers. During the
formation of SEI layers, a cooling effect on the graphite electrode was found, which also
indicated that some reversible reactions occurred, since an irreversible one would only
cause a warming effect of the electrode. To study the reversible processes during the
formation of SEI layers, more research is needed.
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